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Editorial 


The Monograph Series 


Tu E GROWTH of science and technology has imposed 
an increasing publication problem. This is particularly true in chemistry 
owing to the vast expansion of industrial and university research. Exist- 
ing journals have been enlarged and new ones established, yet still the 
backlog of acceptable papers mounts. One fortunate aspect is an improve- 
ment in the quality of those papers which eventually attain publication. 
New devices such as microfilming and punch card systems have been 
developed for recording and filing information. These, however, do not 
supplant to any appreciable extent the need for the dissemination of new 
knowledge by journal publication. The tremendous growth of the chemical 
industry in recent years seems likely to continue and with this the expand- 
ing need for more publication facilities. 

. ‘A valuable means of bringing together the accumulated knowledge in 
specific fields is the publication of technical monographs. Developments 
in the broad field of electrochemistry have long deserved more attention 
than can be devoted to them by the journal literature. The first venture 
of The Electrochemical Society in monograph publication, if we except 
the first edition of Modern Electroplating, is the highly successful Cor- 
rosion Handbook. The Society has now contracted to produce a series of 
monographs in uniform format. The second book in this series is to be the 
second edition of Modern Electroplating. This fully revised and expanded 
work is now in the press and it is expected to receive even greater accept- 
ance than the earlier edition which had a sale of over 6,000 copies. The 
third.book in the monograph series is under preparation by the Electro- 
thermic Division and will be known as Modern Refractories. Still others 
are in the planning stage. This newly sponsored monograph series will 
be weleomed by the electrochemical world and will bring added prestige 


to the Society. —RMB 
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The Electrochemical Society 
Philadelphia, May 4, 5, 6, 7, and 8, 1952 I 
FIFTIETH ANNIVERSARY MEETING 
‘ 
Sessions on 
Electric Insulation, Electrothermics, Instrumentation, Luminescence, n 
Methods of Applying Phosphors, Rare Metals, Theoretical Electrochemistry IVA, 
Headquarters at the Benjamin Franklin Hotel by th 
by t 
meta 
for tl 
majo 
a pu 
x Montreal, October 27, 28, 29, 30, and 31, 1952 os 
relati 
Sessions on the 
Corrosion, Electrodeposition, Electro-Organic Chemistry j — 
n 
Headquarters at the Mt. Royal Hotel origi! 
diagr 
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by p 
sider: 
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data 
Headquarters at the Statler Hotel consi: 
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} per ¢ 
cies i 
Papers are now being accepted for the meeting to be held in Philadelphia. ies 
Abstracts (not exceeding 75 words in length) are due at the Secretary’s Office, ailees 
235 West 102nd Street, New York 25, N. Y., nol later than February 1, the / 
1952. Complete manuscripts should be sent in triplicate to the Editor of the paper 
JouRNAL at the same address. En 
terms 
eherg 
'M 
for de 
1950. 
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The Free Energy Diagram of the Vanadium-Oxygen System 


N. P. Auuen, O. KuBAscHEWSKI, AND O. von GOLDBECK 


National Physical Laboratory, Teddington, Middlesex, England 


ABSTRACT 


A review of a number of earlier works permits the derivation of the free energy diagram 
of the system vanadium-oxygen from composition V2.0; downto beyond composition VO. 
It is shown that most of the earlier results agree fairly well if correctly interpreted. 
Results of some hydrogen reduction experiments are in accordance with the energy re- 


lations derived. 


The slope of the energy curve at low concentrations of oxygen has been determined by 
establishing equilibria between vanadium-oxygen solutions and molten barium, mag- 
nesium, or calcium. The oxygen contents in vanadium thus obtained were determined 
by the vacuum fusion method. With these results the free energy curve for vanadium- 
oxygen has been completed. The results further suggest that the solubility of oxygen in 
vanadium is much lower than has been assumed hitherto, being possibly 0.25 per cent 


oxygen at 1000°C. 


INTRODUCTION 


The binary systems of the metals of Groups 
IVA, VA, VIA, and VITA with oxygen are marked 
by the multiplicity of compounds they contain and 
by the considerable solubility of oxygen in the 
metallic phase. In addition, the affinity of oxygen 
for these metals is very high, which accounts for the 
major difficulties experienced in producing them in 
a pure form. In these circumstances it is clearly 
important to determine accurately the energy 
relationships in these systems in order to establish 
the purity of the metal to be expected from using 
any given reducing agent. 

In the present paper a new assessment of the 
original experimental work, leading to the energy 
diagram of the vanadium-oxygen system, has been 
made. Efforts were made to avoid being influenced 
by previous assessments. The diagram is of con- 
siderable interest at present due to the potential 
uses of pure vanadium. It has been found that 
data published hitherto can be interpreted as 
consistent, in the composition range between 44.0 
weight per cent oxygen (V2O;) and about 11 weight 
per cent oxygen (VOpo;). Some apparent discrepan- 
cies in these earlier results can be explained in the 
light of new information. For oxygen contents lower 
than 11 per cent, however, previous data are in- 
adequate for the derivation of the free energy curve; 
the experimental method to be described in this 
paper was intended to obtain the missing data. 

Energy relationships will be given throughout in 
terms of oxygen affinities; that is, the Gibbs free 
energies (thermodynamic potential), heats, and 

‘Manuscript received July 11, 1950. This paper prepared 


for delivery before the Cleveland Meeting, April 19 to 22, 
1950. 
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entropies of reaction, AF, AH, and AS, are expressed 
in terms of the reaction 


= + (I) 


the suffix O, being added to the symbols (AF‘5o,, 
AHo,, ASo,). For convenience, concentrations of 
oxygen are expressed in the text and diagrams as the 
quantity n in VO,. Atomic per cent and weight per 
cent of oxygen are calculated from this quantity by 
the formulae 


100n 


atomic % = = 
n+ 3.19 


= n+1 


CALCULATIONS FROM Previous MEASUREMENTS 


weight 


There are several solid phases in the vanadium- 
oxygen system. Their approximate limits have been 
established by Klemm and his collaborators (1-3) 
by x-ray, magnetic susceptibility, and electrical 
conductivity measurements. The phases which 
have been identified, with their structural char- 
acteristics, are summarized as follows: 

extending from to orthorhombic 
(4); mp 670°C 

or VOv17; monoclinie (5) 

VO», extending from approximately to VOv.9; 
rutile type structure (6); melting range at VO, 
1350°-1545°C (7); magnetic transformation at 70°C 

V3:05 

V.O;, extending from VO,4 to rhombohedral 
(6), mp 1900°C 

VO, of some unknown range of composition; rock 
salt type structure (2, 8). 

Information on the phase relationships in the 
range V-VO is somewhat sparse and _ unsatis- 
factory. Oxygen is soluble to some extent in vana- 
dium, and Klemm and Grimm (2) state that the 


‘ 
. 
ry 
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solubility should correspond to the composition 
VOpo.s, the solution causing a tetragonal deformation 
of the cubie vanadium lattice. Microscopical evi- 
dence suggests that solubility increases with tem- 
perature in one or both boundaries of the hetero- 
geneous V-VO area (8). 

A number of calorimetric and other measurements 
are available for the derivation of free energies: 

Low temperature specific heat measurements (9) 
give the standard entropies of V, V2O;, VOe, and 
V2.0; as 7.0 + 0.1, 23.5 + 0.3, 12.25 + 0.15, and 
31.3 + 0.5 cal/deg, pectively. Cook (7) has 
derived molar heat formulae for VsO;, VOs, and 
V.O;, from measuremetits of heat contents. Most 
combustion experiments resulted in the formation 
of a product approximating the composition VOs. 
The figures for the heat of formation of VO» dis- 
cussed below are given after correction to this 
composition: results of earlier measurements, using 
very impure vanadium, — 152,500 cal/mole (10) 
and — 156,500 cal/mole (11), can be regarded as no 
more than minimum values [see also (12)]. The best 
values are probably that of Siemonsen and Ulich 
(12) (— 171,000) and those calculated from Mixter’s 
results (13) for the reaction of vanadium with 
sodium peroxide (—175,400) or with oxygen 
(— 187,500). The best average value will be taken 
to be AHoy3 (VO, formation) = —175,000 + 4000 
cal /mole. The value — 191,500 selected by Bichowsky 
and Rossini (13) is certainly too high. 

The heat of the reaction 


2V205 = 4VOz + Or (II) 


can be obtained from Siemonsen and Ulich’s calori- 
metric measurements (12) of the heat of decompo- 
sition of V.0O;. Twenty-nine per cent of the V.O; 
was found to decompose, and the heat of reaction 
(11) was obtained by linear extrapolation 


AH = 61,200 + 1,200. 


Another value may perhaps be derived from 
Mixter’s measurements (13) of the heats of the 
reactions 
+ V0; = Na.O-V.0; and Na,O. + 2VO. = 

)- )s5. 


His value for the first of these (— 165,000 cal) is 
demonstrably too high, but the reason for this is 
very probably a systematic one involved in his 
experimental technique, and applies also to the 
heat of the second reaction. The difference in his two 
figures, minus the difference in heats of formation 
of Na,O and NaeQOr, is therefore likely to give a heat 
of reaction (II) which does not differ too widely 
from the true value’. The figure AHo9s (IT) = 61,400 


? Heats of formation of NasO and Na2Oo, which are in- 
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is in very good agreement with Siemonsen, though 
the agreement may be fortuitous. The direct de. 
termination of the dissociation pressure of solid 
V.O; by Iwasé and Nasu (15), which gave the value 
AFo, = 28,400—30.6T, is not directly comparable 
with the values for the entropy and heat of formation 
of equation (II), since a homogeneous field extends 
over the composition range to VOo4;. Thus, 
if pure V.O; is studied, its oxygen pressure must 
necessarily be higher than those for compositions 
as was indeed observed by  Iwasé 
and Nasu. Since they did not analyze the compo- 
sition of the solid after measurement their results 
cannot be attributed to a fixed composition. The 
composition would vary with temperature since the 
amount of oxygen extracted varies with oxygen 
pressure. This explains the different changes in 
color observed by the Japanese authors at different 
temperatures. No further use will be made of their 
equation in the present considerations. 

Flood and Kleppa (15a) have measured the 
equilibria at various temperatures of the reduction 
of V:0; with SO.. The products were SO; and a 
vanadium oxide which according to the x-ray dia- 
grams was obviously identical with the a’ phase of 
Klemm and Hoschek (1) and the monoclinic V0. 
studied in detail by Aebi (5). The fact that 
the heat of assimilation of 1 mole Oy» in the range 
derived from these measure- 
ments is only slightly lower than that given above 
for the range VO.-VO2;5, namely AHogs = 58,100 
cal as compared with 61,200 cal, indicates that the 
stability of the compound Vj Ov is low. 

From the heats of reaction, the entropies, and the 
molar heats of VOz and V.Os, and the heat of fusion 
of V2.0; (7) (15,600 cal/mole) the following (simpli- 
fied) free energy values are obtained for solid and 
liquid V20;, respectively: 


AF (II) = 64,480—45.6T; 298°-943°K (Ila) 
AF(II) = 84,300—40.3T; 943°-1800°K (IIb) 


Since liquid VO, and liquid VO; are probably 
completely miscible, and since the melting points 
in the range to the composition VOvz,o; do not exceed 
720°C, there must be an increase of free energy with 
decreasing oxygen contents at high temperatures. 
Milan (16) has measured the dissociation pressures 
at various concentrations in the range VO2;-VO2, 
and from these measurements the present authors 
have derived the following equations: 


VOz4s(1) APo, = 47,500—33.8T; 1170°-1400°K (Ie) 
APo, = 58,000—37.1T; 1170°-1400°K (IId) 
VOo435(1) AFo, = 64,000—38.6T ; 1170°-1400°K (Ile) 


volved in these and further calculations, are taken from 
recent work by Roth and Kaule (14). 
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The values given by equation (IIb) refer to an 
average concentration of VO2».;. The free energy 
eurve for the range VO2; to VOoo at 1000°C ob- 
tained from equation (Ila) to (ITe) is given in Fig. 1. 

Spencer and Justice (17) have investigated the 
equilibrium 


2V0. + CO = + CO, (IIT) 


(a) by passing CO, gas over VO; at a known 
temperature and determining the exit CO./CO 
ratio, and (b) by treating a powder containing 62.2 
per cent oxygen (= VO 93) with an initially fixed 
mixture of CO. and CO and measuring the compo- 
sition of the outflowing gas. The values given for the 
free energy of reaction by the first method lie on a 
straight line representing 


AF(IIT) = —16,140 + 4.0T; 1023°—1173°K. (IIIa) 


Anderson (9) questioned the accuracy of this result 
since the entropy of reaction which he calculated with 
his formula differs by several cal/deg/mole from 
the value derived from his low temperature molar 
heats. Spencer and Justice themselves doubted the 
reliability of the results of the second experimental 
method since the gas ratio did not appear to be 
reproducible on approaching equilibrium by re- 
duction of VOz. The formation of ‘active surfaces” 
was held responsible for this. 

These objections are overcome, however, by in- 
troducing more correct molar heat data (7) into 
Anderson’s calculation, which then gives an entropy 
value ASogs(IIT) of 46.8 cal/deg. Spencer and 
Justice’s value 47.0 cal/deg compares very favorably 
with this and their results should therefore be re- 
garded as reliable. Taking into account the free 
energies of formation of CO and CO, (17) the free 
energy of the reaction 


= 2V.0; + (IV) 
can be calculated from equation (ITTa): 
AF(IV) = 102,800—33.5T; 1020°-1180°K. (IVa) 


The value for 1000°C is found by extrapolation, and 
is represented by the straight line in the range 
VO.; to VO; 88 in Fig. 

Between VO; and VO. there is, according to 
Klemm, a range* of solid solutions, and the free 


,energies are therefore to be represented by a curve 
_ the shape of which is determined by the nature of 


the solid solution. Such curves are shown in the 
neighborhood of VO,.;, where the sharp rise of free 
energy at the stoichiometric composition is sug- 
gested by the strongly marked electronic bonding, 
and in the neighborhood of VO, where a more 
gradual change is suggested by the way in which 
the limits of composition vary with changes in 
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temperature. In the case of VOs, however, the curve 
must be drawn so as to pass through the known 
limits of composition, and the experimental point 
shown in the diagram. The curve must in this case, 
therefore, be relatively flat. 

The room temperature heat of reaction (IV), 
calculated from the figures above and from the 
respective molar heats, amounts to 101,200 eal, 
which is close enough to the average of the various 
values calculated as differences (by Hess’s Law) 
from calorimetric work, namely : 93,000 (12), 120,600 
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Fic. 1. Partial free energy of oxygen in vanadium 
oxides at various concentrations (1000°C). 


[Mixter, Na,O; method (13)], 88,000 [Mixter, O, 
combustion (13)]. Bichowsky and Rossini’s critical 
value is 106,000 cal. With 101,200 cal for reaction 
(IV) and —175,000 cal/mole for the heat of forma- 
tion of VOs, a standard heat of formation of — 299,400 
cal for 1 mole V.Q; is obtained. 

The difficulties encountered by Spencer and 
Justice with their measurements on the VO. side of 
the range under consideration are obviously due to 
the existence of a homogeneous field on either side 
of the composition VO». AFo, (the oxygen potential) 
should be lower in this phase than in reaction (1Va), 
and should increase with decreasing oxygen content. 
This agrees in fact (qualitatively) with the experi- 
mental results. Unfortunately, Spencer and Justice 
do not state the weight of their sample, and only a 
rough estimate of their value for AFo, can be made 
from their CO./CO ratios. The result of this esti- 
mate, for the composition VOj;.9, is plotted as a 


| 

fy 

> 


120 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


cirele in Fig. | and has also been used for the econ- 
struction of the free energy curve in the range 
— 

It has frequently been claimed that VO; is reduced 
by hydrogen directly to V.O3, and that VO», cannot 
be obtained in this way (1, 7). This is true insofar 
as the rate of reduction by hydrogen in the range 
V.05-V2Oy is so rapid that it is difficult to interrupt 
reduction exactly at the stage when a homogeneous 


product of composition VO, is present. This was 


confirmed experimentally by the authors. If VO». 
is to be produced from V2Os;, a suitable mixture of 
hydrogen and water vapor must be employed 
Equilibrium measurements involving the lower 
vanadium oxides have been made by Kobayashi 
(19), who passed hydrogen containing various small 
proportions of water vapor over a_ solid phase 
consisting initially of metallic vanadium (97 per 
cent V) and observed the changes in color of the 
solid. The changes from ‘‘metallic”’ to gray, to black, 
and vice versa were ascribed to the two reactions 


V.0; + H. = 2VO + H.O (V) 
VO +H.=V ++H.0 (VI) 


although this was not confirmed by analysis. Ko- 
bayashi’s results give the free energies 


AF(V) = 29,600—8.0T; 823°-1385° Kk (Va) 
and 
AF(VI) = 56,400— 14.38T; 1325°-1670°K. 


The following values were obtained by Kobayashi 
for room temperature 
(a) 2V + O. = 2VO; 
AF x93 = 216,000; 


AHos = — 233,476. 
(b) 2VO + 40, = V.Os; 

AF 245 = —82,696; 

AHos = —89,336. 


The standard entropy of VO resulting from equa- 
tion (a) would be 2.2 cal deg/mole and from (b) 
10.6 cal deg mole. The former value is obviously 
much too low, while the second appears reasonable. 
No other experimental determination of this entropy 
is known, but assuming that VO behaves normally 
a fairly accurate value may be estimated. A com- 
parison of the standard entropies of the other 
vanadium oxides and other substances with a NaCl 
structure, particularly TiO, TiN, TiC, VN, VC, 
leads to a value 10.2 + 0.4 ecal/deg/mole. Since this 
agrees well with the value obtained from equation 
(b) above, this figure, 10.2, is accepted for further 
calculation. 

Kobayashi’s equation (Va), slightly corrected by 
substituting the estimated entropy of VO for his 
experimentally determined value, altering the heat 
terms correspondingly, and then combining the 
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resulting equation with the free energy of HQ 
formation, gives a free energy for the reaction 

2V.0; = 4VO + Os; AF = 175,300—40.57; 
823°-1385°K. (VID) 

From the room temperature heats of formation 
of VOx (— 175,000), of reaction (IV) (— 101,200) and 
of reaction (VII) (—177,000), all of which are 
derived above, the heat of formation of VO js 
calculated to be AH, = — 105,500 cal mole. This 
calculated value is preferable to those which are 
derived from Mixter’s measurements (13, 14): 
—71,500 and —78,500, respectively. With the heat 
of formation of V.O; of —299,400 as given above, 
even the second of these two values would result jn 
a positive value (+64,000) for the heat of the reae- 
tion V,0; + V = 3VO. This is certainly impossible 
since VO is a stable compound, judging by the 
readiness with which it is formed from its two 
neighboring phases (2, 8). For the heat of forma- 
tion of VO, Bichowsky and Rossini have estimated 
—97,500 cal/mole, and the present authors, by 
several alternative methods, —107,000 cal ‘mole. 
The mean of these two estimates agrees fairly well 
with the value derived above. 

In drawing the free energy curve (Fig. 1) account 
was taken of the authors’ failure to reduce vanadium 
oxides with purified hydrogen beyond a composition 
VOy.06 Within any reasonable time at 1500°C. The 
final purification of the hydrogen was carried out 
with phosphorus pentoxide. The gas would thus 
contain an amount of water vapor corresponding to 
the H.O pressure of P2O;-HPO, or HPOs-H,PO, 
Since the vanadium may be exposed, in addition, to 
traces of oxygen and other gases emitted from the 
apparatus itself, the free energy value derived from 
the H.O pressures mentioned can only be regarded 
as a maximum. The fact, however, that reduction 
is repeatedly found to halt at a particular concentra- 
tion suggests that there is a sharp increase of free 
energy of dissociation at this composition, even 
though it does not give a numerical value for this 
increase. 

The free energy of the reaction 


2VO = 2V + Op (VIII) 


is obtained from the heat of formation (105,500 
‘al/mole) and entropy of VO (10.2 cal/deg mole 
given above, and from the heat capacities of VO 
‘aleulated additively from those of vanadium (20, 
21) and of V.Os. It is 

AF(VIIT) = 205,900—35.9T; 900°-1800°K. (VIIa 
From Kobayashi’s results (equation VIa) 

AF (VIII) = 230,600—54.96T; 


1290°-1670°K. (VITIb) 
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Assuming the slope of NKobayashi’s curve to be 
rather at fault but taking his absolute values to be 
correct, one still finds a difference between the 
observed and calculated values. For 1500°lx, for 
instance, the value of AF(VIII) and (VIIIa) is 
152,000, while from (VIIIb) it is 148,100. The 
difference may be within the limits of error of both 
the observation and the calculation. Assuming that 
the difference is real, however, it can be ascribed to 
a further increase of the free energy within the 
solution phase of oxygen in vanadium metal. 
Kobayashi’s value would give the (constant) free 
energy change in the heterogeneous region between 
Vand VO. The calculated value would on the other 
hand include the total free energy change from pure 
vanadium to pure VO. It was in order to clarify and 
obtain more complete information on this portion 
of the free energy diagram that the work to be 
described in the next section was carried out, in 
addition to the hydrogen reduction experiments. 

There remains one other experimental investiga- 
tion to be discussed: the measurements by Slade 
and Higson (22) of the pressure of carbon monoxide 
in equilibrium with vanadium containing 4.6 per 
cent carbon. At 1340°C the CO pressure was found 
to be 1.2 mm Hg on heating, and 1.7 mm Hg on 
cooling. From this single determination a value of 
AF(VIII) can be derived, using an estimated free 
energy of formation of vanadium carbide. This 
value is a low negative one and, in view of its deriva- 
tion from an experiment on an impure vanadium, 
and the fact that the estimated free energy of VC is 
unreliable, it is omitted from Fig. 1. 


DETERMINATION OF FREE ENERGIES IN THE 
METALLIC SOLUTION PHASE 


The experimental method adopted involves heat- 
ing a sample of imperfectly reduced vanadium con- 
taining oxygen for some time at a known tempera- 
ture with calcium, barium, or magnesium. Under 
these conditions the oxygen content of the vanadium 
should be reduced until its pressure equals the dis- 
sociation pressure of the oxide of the alkaline earth 
metal. The surplus reducing metal and its oxide 
are removed, and the oxygen content of the vana- 
dium is analyzed. It should thus be possible to ob- 
tain three distinct points on the curve of the free 
energy of solution of oxygen in vanadium. 

Samples of vanadium powder weighing about 
3 grams and containing 4.5 weight per cent oxygen 
Were mixed with 3 to 5 times their atomic amount 
of calcium, barium, or magnesium turnings. The 
purities of these metals were: Mg, 99.964 per cent; 
Ca, 99.5 per cent; Ba, 98.5 per cent. The powder 
mixtures were sealed in iron cylinders of 23 in. (6.5 


em) length, 1 in. (2.5 em) diameter, and } in. (3 
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mm) wall thickness. These small bombs were heated 
at 1000°C for 5 hr, then furnace cooled. After 
cutting the cylinders open, their contents, then in 
the form of a metal compact, were placed in dilute 
hydrochloric acid which dissolved the alkaline 
‘arth metal and its oxide. The undissolved vanadium 
powder was filtered, washed, and dried at room 
temperature in an evacuated desiccator. The powder 
samples were then sealed in evacuated glass bulbs to 
await analysis for oxygen, nitrogen, and hydrogen 
by the vacuum fusion method, details of which are 
given elsewhere (23). 

Iron does not form solutions with calcium, mag- 
nesium, or barium (24) nor, in all probability, does 
vanadium. [ron-vanadium compounds would not 


TABLE 1. Oxygen contents of vanadium powder after heating 
with molten alkaline earth metals at 1000°C. Initial 
concentration of oxygen in vanadium: 4.5 per cent 

by weight 


Oxygen contents in weight 
per cent 


Free energy in 


Earth alkali metal cal/mole O» 


Barium 0.26, 0.34, 0.21 189,900 
Magnesium 0.181, 0.163, 0.19 224 ,000 
Calcium 0.134, O.18, 0.41 241,800 


be formed under the experimental conditions de- 
scribed, and the reaction taking place in the bomb 
should therefore be the simple one of reduction, with 
no complications. 

The free energies of formation of CaO, MgO, and 
BaO are accurately known (18, 25). The following 
formulae have been used for the present evaluations. 


2Ca(l) + O2 = 2CaO(s); AF = —307,100 + 51.28T 
2Me(l) + = 2MgO(s); 

AF = —290,700—0.48T log T + 53.9T 
2Ba(l) + Og = 2BaO(s); AF = —256,100 + 52.0T. 


Table I contains the percentages of oxygen in the 
vanadium powders, determined by the vacuum 
fusion method. The temperature of reaction between 
the reducing metals and the oxidized vanadium was 
1000°C throughout the work. The hydrogen contents 
of the vanadium samples were high and varied from 
0.28 to 0.62 per cent. The oxygen contents did not 
appear to be related to the hydrogen contents, and 
moreover it was found that reduction of the hydrogen 
by evacuation at 600°C to 0.004 per cent had no 
effect on the oxygen content. Since the hydrogen 
could not have been present in the heated bomb, it 
must have been picked up on solution of the melt 
in hydrochloric acid. It was concluded from the 
results that the hydrogen did not affeet the oxygen 
contents. 


Nitrogen was also present in the vanadium prod- 
varying amounts whieh could not be ae- 


uct, in 


ion 
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curately determined by the vacuum fusion method 
due to the presence of the very large amount of 
hydrogen, but which were between 0.2 and 2.0 per 
cent. The original nitrogen content of the vana- 
dium was found by chemical analysis to be 1.2 
per cent. The vacuum fusion analysis of the final 
powders indicated that the percentage of nitro- 
gen varied, but independently of oxygen content. 
It was presumed that the nitrogen had no ap- 
preciable bearing on the results, since the affinity 
of vanadium for oxygen is so much greater than its 
affinity for nitrogen. 

According to the fundamental nature of the free 
energy of solution the oxygen affinity should increase 
with decrease in oxygen content. In Table I, barium 
has the lowest, and calcium the highest oxygen 
affinity. The lowest values for the oxygen contents 
of the reduced vanadium samples are in the order 
expected from these considerations. The variation in 
the results for barium and magnesium is no greater 
than might be expected in view of the simplicity of 
the method used. The deviations with calcium are 
greater, however. An exact assessment of errors is 
very difficult, those which can be estimated ac- 
curately being relatively small. These, for instance, 
are the accuracy of the temperature measurement 
and that of the free energies of the alkaline earth 
metal oxides. Other errors which are incapable of 
exact determination may, however, be comparatively 
large. 

The effectiveness of Sloman’s vacuum fusion 
method is demonstrated by the fact that in analyzing 
sumples of vanadium containing as little as 0.02 
per cent oxygen, the carbon monoxide is evolved 
rapidly at 1600°C and no further evolution occurs 
on raising the temperature to 2000°C. It is concluded 
that the errors introduced by the analysis of the 
powder in Table I are negligible. 

The main sources of error which then remain are 
the incompleteness of reaction in the bomb, and an 
oxygen pickup during the treatment of the powder 
after removal from the bomb. It was established that 
reduction was almost complete after one hour’s 
treatment. In the magnesium and barium experi- 
ments, at least, there was no further reduction 
during a further four hours. Incompleteness of reac- 
tion should therefore be responsible for only a small 
proportion of the deviations in Table I. 

All care was taken to minimize contact between 
the vanadium powder and air or liquid after isola- 
tion. It was found, for instance, that on drying the 
powder at an elevated temperature the oxygen 
content increased and was no loriger reproducible. 


This effect should have been suppressed by drying 
the powder in a high vacuum at room temperature. 
It is therefore considered that the discrepancies in 
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the values in Table I arise from the unavoidable 
treatment of the metal powder in the aqueous soiy- 
tion. The powder produced by the calcium reduction 
is apparently the most susceptible to these influences, 
for its oxygen content is the least reproducible. 
Since any error in the method would increase the 
oxygen content rather than lower it, the lowest 
figures in Table I should represent the truest values, 
Even then, they are only maximum values, but their 
reasonably good reproducibility and their accomoda- 
tion to the general form of a free energy curve 
render them sufficiently reliable. Since the main 
source of error is not the lack of attainment of 
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Fig. 2. Partial molar free energy of oxygen in the vana 
dium-oxygen solution phase (per mole O.) at 1000°C (from 
Table 1). 


equilibrium but the possible contamination of the 
sample after the reaction, it was difficult to apply 
the test of approaching the equilibrium from both 
sides. It may be pointed out that in our present 
state of knowledge no other method is available for 
the measurement of such a high free energy of solu- 
tion of oxygen, and any other such determination 
must probably involve the use of the reaction bomb 
and the vacuum fusion method of analysis. More 
exhaustive tests of the method are therefore just ified. 

The results given in Table I are, of course, for 
1000°C only. They do not exclude the possibility 
that reduction proceeds further at other tempera- 
tures. If the reduction is carried out in the vigorous 
manner of the well-known aluminothermie (Thermit) 
process which involves a considerable increase in 
temperature, the results will probably be different. 
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This was, in fact, recently observed by McKechnie 
and Seybolt (26). 


CONCLUSIONS 

The free energy of solution of 1 mole oxygen in 
yanadium-oxygen solutions is plotted in Fig. 2. 
The same curve, with a smaller concentration scale, 
js represented by the final steep slope in Fig. 1. 
The results confirm the earlier supposition that the 
free energy increases in the metallic solution phase 
with increasing dilution of the oxygen beyond the 
value of the free energy of dissociation of VO in the 
y-VO heterogeneous phase, although the concen- 
trations at which this increase begins are lower than 
might have been expected from the differences 
between Kobayashi’s experimental values and those 


Fig. 3. Structure typical of vanadium containing 99.5 
to 99.9 per cent vanadium, 0.5 to 0.1 per cent oxygen, and 
0.02 to 0.03 per cent nitrogen. 50% aqu. HNOs, 500X. 


obtained by calculation. The area enclosed by the 
final branch of the free energy curve, the ordinate, 
and the 160 keal coordinate is equivalent to 1400 cal 
while the difference mentioned above amounts to 
4000 cal at the average temperature of Kobayashi’s 
measurements’. This latter figure may be con- 
sidered to be well within the limits of accuracy of the 
various derivations. 

The total free energies derivable from Fig. 1 are 
considered to be correct within +5000 eal, which is 
sufficient for most thermochemical calculations. 

From the two diagrams it is possible to determine 
the extent to which vanadium can be purified with 
any given reducing agent whose thermochemical 
data are known. 


* At 1000°C the calculated value and that derived from 
Kobayashi’s formula (VIIIb) are equal. This must be con- 
sidered as a pure coincidence as Kobayashi’s temperature 
coefficient is unacceptable. 
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There is no known substance suitable for deter- 
mining more free energy relationships between the 
lowest obtained for the solution (with barium) and 
that of the dissociation of VO, equation (VIIIa). 
It is therefore not possible to derive from these data 
the solubility of oxygen in vanadium with any great 
accuracy. It would appear likely, from Fig. 2, that 
the solubility is low, the value 0.25 per cent Oy, 
being suggested by the trend of the curve. This is in 
contradiction to Klemm’s conclusions from x-ray 
data, but photomicrographs of calcium-reduced 
vanadium beads analyzing 99.5-99.9 per cent varia- 
tion, 0.5-1.0 per cent oxygen and 0.02-0.03 per 
cent nitrogen, an example of which is shown in Fig. 
3, also suggest that the solubility of oxygen is low 
at room temperature. The solubility may, however, 
increase above 1000°C. 
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The Anodic Decomposition of Hydrogen Peroxide’ 


A. HickLinc anp W. H. WILson 


Tepartment of Physical and Inorganic Chemistry, University of Liverpool, England 


ABSTRACT 


The anodic decomposition of hydrogen peroxide has been investigated over a wide 
range of conditions. In alkaline, neutral, and acid solutions at all the anode materials 
investigated hydrogen peroxide is quantitatively decomposed, provided the current 
density is not too high, in accordance with the formal equation H.O. + 2F = 2H* + Ov. 
In alkaline solution there appears to be a common process, occurring at a low potential, 
involving the HOF ion, which can be simply formulated as HOy — 2e = H* + Oz; this 
takes place rapidly and, in general, the rate of the total anode reaction is governed by 
diffusion. In neutral and acid solutions this process does not take place at appreciable 
speed, but there appears to be a common process, occurring at a high potential, which can 
be formulated as an interaction of the OH radical with the H2O. molecule. Platinum 
anodes in neutral and acid solutions show a specifie behavior which is attributed to 
chemical interaction of hydrogen peroxide with platinous oxide, which is primarily 


formed on the anode surface. 


INTRODUCTION 

Although Thenard (1) observed in 1830. that 
evolution of oxygen at the anode was greater on 
electrolysis of hydrogen peroxide in aqueous solution 
than on electrolysis of water, little work has been 
done on the mechanism and kineties of the reactions 
involved. Limited observations by Schéne (2) and 
by Tanatar (3), which were mainly confined to 
sulfuric acid solutions and platinum anodes, indi- 
cated that in the presence of hydrogen peroxide 1 
mole of oxygen was obtained for the passage of 2 
faradays of electricity instead of the 4 faradays 
normally required with aqueous electrolytes; the 
reaction was formally represented as interaction of 
an atom of oxygen arising from the electrolysis of 
water with 1 molecule of the depolarizer, thus: 
O + HeO. = O. + HO. Weiss (4) also reported 
some figures for the electrolysis of hydrogen peroxide 
in sulfuric acid which were stated to confirm Tana- 
tar’s results. 

A number of authors (5) have made measure- 
ments of static potentials of inert electrodes, such as 
platinum, in hydrogen peroxide solutions; the po- 
tential has generally been found to vary linearly 
with pH, and the standard value found in acid solu- 
tion is approximately +0.66 v. This has generally 
been taken to correspond to the equilibrium: H,0. = 
O. + 2H* + 2e. In this connection the work of 
Berl (6) is of great interest. He studied the potential 
set up by oxygen at porous carbon electrodes in 
alkaline solutions of hydrogen peroxide, and found 
that a very satisfactorily reversible potential was set 
up corresponding to the equilibrium: OH- + HO, 

‘Manuscript received January 27, 1951. This paper pre- 


pared for delivery before the Washington Meeting, April 
8 to 12, 1951. 


= O. + H.O + 2e. The potential varied with OH- 
and HO.” activities in the expected manner, and a 
standard potential of —0.0416 v was obtained 
experimentally. 

It was thus apparent that an investigation of the 
nature of the anodic reaction which occurs on passage 
of current through solutions of hydrogen peroxide in 
alkaline, neutral, and acid electrolytes at a variety 
of different electrodes, and the dependence of the 
‘ate of the reaction upon experimental conditions, 
should furnish results of considerable intrinsic in- 
terest. Furthermore it was hoped that some light 
might be shed upon the ordinary mechanism of 
oxygen evolution at an anode, since studies of 
electrolytic oxidation (7) have strongly suggested 
that intermediate formation of hydrogen peroxide 
may be an essential step between discharge of OH~ 
ion and ultimate formation of molecul.r oxygen. 


EXPERIMENTAL 

Three complementary methods have been used 
in this investigation: 

1. Voltammetric method.—Current density (C.D.)- 
potential curves for a variety of anode materials 
have been determined using an electronic potentio- 
stat (8) by the use of which the anode potential can 
be fixed at any arbitrary value and the current is 
automatically controlled so as to maintain this 
potential. This method has a great advantage in 
that the current flowing at any potential directly 
measures the rate of the electrode reaction, and the 
influence of experimental variables upon this rate 
‘an be very simply observed. 

2. Controlled potential electrolysis method—The 
current efficiencies for the anodic decomposition of 
hydrogen peroxide have been measured at fixed 
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potentials, again utilizing the potentiostat. This 
method has the advantage that the current efficiency 
(C.E.) in any section of the C.D.-potential curve 
can be investigated, whereas in constant current 
electrolyses the potential of the working electrode 
may change during electrolysis. 

3. Oscillographic method——To investigate the 
chemical participation, if any, of the electrode 
materials in the anodic reactions, the cathode-ray 
oscillograms of potential against quantity of elec- 
tricity passed, in the very short interval of time 
prior to the establishment of a steady potential, have 
been determined for a number of electrodes in the 
absence and presence of hydrogen peroxide, by a 
method previously developed (9). The oscillograms 
in the absence of hydrogen peroxide reveal the oxides 
which are formed on the electrodes prior to oxygen 
evolution, and if these participate in any reaction 
with a depolarizer, a prolongation of the character- 
istic oxide steps is to be expected. 


Solutions 


Unstabilized Analar hydrogen peroxide (20 vol. 
strength) was used in making up the solutions. 
Three main supporting electrolytes, prepared from 
Analar materials, have been employed: NKOH, 
0.2M NaHPO, + 0.2M (pH 6.8), and 
NHSO,. 


Electrodes 


Five anode materials have been studied: Pt, Au, 
Ni, graphite, and platinized Pt. Of these, Pt and 
graphite were used in the massive form, and the 
other three as thin coatings electrodeposited on Pt. 
In the voltammetrie and oscillographic studies, 
microelectrodes of 0.1 cm? area were employed, 
while in measuring current efficiencies much larger 
electrodes with areas usually in the region of 10-30 
em® were used. For the metal microelectrodes, Pt 
wire with a diameter of 0.25 mm was used; this was 
sealed directly into glass tubing so that a straight 
length of 12.6 mm of wire was exposed. The large 
metal electrodes were made from rectangles of Pt 
foil, welded to short lengths of Pt wire, which were 
sealed into glass supporting tubes. The electro- 
deposited metals were plated under standard con- 
ditions on Pt to give a deposit about 0.005 mm thick; 
each plated electrode was frequently examined micro- 
scopically when in use, and at the first signs of 
deterioration the electroplate was stripped and the 
electrode replated. The graphite electrodes were 
made from a block of Acheson graphite. For the 
small electrodes a short rod of graphite was machined 
to a cross section of 0.1 em? and this was then sealed 
into glass tubing using an inert polyethylene ther- 
moplastic so that only its end was exposed. The 
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large electrodes were made in the form of a ree. 
tangular sheet provided with a stem which was 
sealed into glass tubing in the same way. Before use 
Pt, Au, and platinized Pt electrodes were cleaned jn 
hot concentrated HCl and Ni in warm 2N HC, 
followed in each case by thorough washing with 
distilled water, while the graphite electrodes, after 
polishing with emery and filter paper, were allowed 
to stand for a prolonged period in water. In all 
experiments the cathode, which was isolated from 
the anolyte, consisted of a spiral of Pt wire of | 
area. 


Electrolytic Cells 


For the voltammetric studies the electrolytic cel] 
consisted of a 400-ml squat Pyrex beaker, which 
formed the anode compartment, and into which the 
various components were dipped. These comprised 
the anode, a separate cathode compartment. con- 
sisting of a wide glass tube closed at its lower end 
by a tight filter paper plug, a Luggin capillary, a 
thermometer, and an electrically driven paddle-type 
stirrer which could be rotated at 460 rpm. Surround- 
ing the various components was glass spiral 
through which water of constant temperature, 20° + 
0.5°C, could be pumped. The wire anodes were 
disposed vertically as shown and, to minimize 
resistance error, the Luggin capillary was brought 
into light contact with the end of the electrode. A 
saturated calomel electrode was used as reference 
electrode. For the oscillographic studies the cell was 
fundamentally similar, but no provision was made 
for stirring, and the cell was closed so that observa- 
tions could be made in an intert atmosphere of 
nitrogen. 

For the current efficiency experiments a larger 
type of cell was used in which sheet anodes were 
mounted vertically and surrounded by a glass hood 
to permit collection of the gas evolved. The hood 
dipped into the electrolyte at the lower end and was 
connected at the upper end to a gas-measuring 
buret by means of capillary tubing. Before an experi- 
ment a current of 0.1 amp was passed for about 30 
min to saturate the electrolyte with oxygen. The 
electrolyte was then drawn up to a fixed point on the 
capillary so as to fill the hood completely. At the 
end of the experiment the level in the capillary was 
again adjusted to the same point, and the volume 
of the gas evolved during the run was measured in 
the gas buret. This volume, after correcting to 
NTP, was compared with the corrected volume of 
gas evolved in a hydrogen-oxygen coulometer which 
was connected in series with the cell. This coulometer 
was similar in principle to that described by Lingane 
(10) and employed as electrolyte 0.511 Na,SO, 
solution; check experiments showed that its accuracy 
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was better than | per cent. In each current efficiency 
experiment 0.0025 faraday of electricity was passed, 
and the current efficiency was calculated for a 
reaction yielding | gram-mole of oxygen for the 
passage Of 2 faradays of electricity. No correction 
was made for catalytic decomposition of the hydro- 
gen peroxide by the anode material since the results 
appeared to be more significant without any at- 
tempted correction of this kind. The listed values of 
current efficiencies were usually the average of two 
runs, and the values were found to be reproducible 
within about +2 per cent. 
Electrical Circuits 

For the voltammetric experiments the potentiostat 
used was essentially similar to that originally de- 
seribed (8), although it had been improved in minor 
details; in the modified instrument the control 
circuit was sensitive to about +0.01 v, and the 
current taken from the reference electrode was less 
than 1 wa. The values of the polarizing current 
passing were read from a first grade multi-range 
milliammeter with an accuracy of 1 per cent. For 
the current efficiency experiments a new type of 
electronic potentiostat employed, utilizing 
principle of control similar to that originally de- 
scribed, but in which the controlled current was an 
alternating one at high voltage, which was trans- 
formed down, rectified, and smoothed to supply the 
polarizing current to the cell; this permitted heavier 
currents of some 1-2 amp to be used if desired. The 
oscillographic apparatus and technique were as 
originally deseribed (9). 

In all the results quoted, the potentials are ex- 
pressed on the hydrogen scale. 


was 


RESULTS 
Alkaline Solution 


C.D.-potential curves were obtained for each of 
the five anode materials in solutions of H.O., varying 
in concentration from 0.01 to 0.50.7 in NIKOH. 
Typical results for unstirred 0.01.7 H,O, solutions 
are shown in Fig. 1A-1E. Numerous points were 
obtained to define the curves, but for the sake of 
clarity only a few of these are shown in the diagrams. 

The characteristic feature of the ascending curve 
is the sharp onset of some process at each electrode 
in the presence of hydrogen peroxide at approxi- 
mately the same potential, about +0.1 v. The C.D. 
then rises very rapidly with little displacement of 
potential until a well defined limiting C.D. is reached, 
and no further increase in the C.D. is then possible 
until the potential reaches the value at which anodic 
decomposition of the supporting electrolyte itself 
can take place. The limiting C.D. corresponding to 
the step in the curves was found to be markedly 
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increased by stirring. With platinized Pt, Ni, and 
graphite anodes the ascending and descending curves 
were practically identical, but with smooth Pt and 
Au anodes the limiting C.D. tended to be reduced 
after anodic polarization. With increasing HO. 
concentration the limiting C.D. was increased, but 
at the same time the step became less sharply de- 
fined until in 0.5.47 HyO- no horizontal section could 
be distinguished; the effect of stirring also decreased 
with increasing H,O. concentration. Table I sum- 
marizes the chief features of the step in the C.D.- 
potential curves. 
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1. Electrolysis of H.O. in alkaline solution. O— 
ascending potentials, @—descending potentials, ----- sup- 
porting electrolyte alone. 
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In the more concentrated HO», solutions, and also 
in all solutions when stirred, there appeared to be 
a second step at a smooth Pt anode beginning at 
about +0.6 v; this is illustrated in Fig. 1F which 
shows the curve for Pt in unstirred 0.1.7 H,O, in 
NIKOH. This step also appeared in the descending 
curves for a smooth Pt anode even in dilute HO, 
solutions. Some indications of a second step in the 
region of +0.6 v were also found for Au and graphite 
in the more concentrated H.Os solutions. 

The current efficiency of oxidation of the hydrogen 
peroxide in alkaline solution was studied in three 
potential regions: Region A—at approximately the 
half-wave potential, Region B—in the middle of the 
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limiting C.D. step, and Region C—at a C.D. ap- 
proximately twice the limiting value. Table II 
summarizes the C.E.’s found for 0.05.17) in 
NKOH. 

It may be noted that at C.D.’s below or equal to 
the limiting value (Regions A and B) the C.E. is 
reasonably close to 100 per cent for all the electrode 


TABLE L. C. D.-potential curves for in’ NKOH 


al 20°C 
Com Half otirees 
HO» mencing wave / sieved 
concn. potential potential amp/em? unstir 
red 
0.09 0.13 1.3-10°% 14 
0.05 0.10 0.17 17.0 6 
0.10 0.11 O.17 60.0 3.5 
0.50 0.11 
Platinized 0.01 0.138 0.16 1.9 11 
Pt 0.05 0.14 0.17 | 28.0 5 
0.10 0.15 0.21 106 ae 
0.50 0.14 1.2 
Au 0.01 0.09 0.12 1.2 14 
0.05 0.10 0.15 14.0 6 
0.10 0.09 0.19 74.0 ee 
0.50 0.10 _ 1.1 
Ni 0.01 0.13 0.19 1.3 14 
0.05 0.12 0.24 13.0 S 
0.10 0.12 0.31 65.0 3.4 
0.50 0.12 
Graphite 0.01 0.10 0.28 0.95 2.5 
0.05 0.08 0.26 1.0 
0.10 0.08 0.26 10.0 1.8 
0.50 0.07 — — 1.1 


TABLE IL. Current efficiencies for anodie oxidation of 
H.O. in NKOH 
Region B 


Region A Region C 


Anode material 
Poten- CE. Poten CE. Poten CE 


tial tial tial 
Vv % Vv 
Pt 0.25 99 0.60 92 | 1.20 S4 
Au 0.20 103 0.70 97 | 1.30 85 
Ni 0.25 101) 0.55 96 0.90 79 
Platinized Pt 0.20 105 (0.55 98 82 
Graphite 0.40 104. 0.55 102. 1.00 89 


materials; at C.D.’s higher than the limiting value 
(Region C) the C.E. falls, as would be expected, 
since ordinary electrolysis of water begins to aec- 
company the anodic reaction involving hydrogen 
peroxide. 

The potential/quantity of electricity oscillograms 
were studied for smooth Pt, Au, and Ni anodes 
(0.1 em?) in NKOH + 0.5.7 H.Os, since for these 
metals the anodic tracks in the absence of depolarizer 
have previously been thoroughly studied and inter- 
preted (11). A typical oscillogram for smooth Pt 
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at a C.D. of 0.01 amp em? is shown in Fig. 24. 
The potential scale is indicated by horizontal refer. 
ence lines at intervals of 0.25 v; the quantity of 
electricity at any point is indicated by the horizontal 
displacement of the spot, the maximum quantity 
(corresponding to the length of a reference. line) 
being 366 microcoulombs. Track 1 is for Pt in 
NKOH alone, and after various steps at negative 


Fic. 2. Potential/quantity of electricity oscillograms 


TABLE IIL. Oxide potentials and HO. decomposition 
potentials in NKOH 


Potential 


Anode material Oxide Potential decomposition 
v 
Pt Pto 40.06 | +0.09 
Au AueO; 0.40 0.06 
Ni NivO; 0.55 0.16 


potentials (corresponding to ionization of hydrogen) 
shows a change of direction in the region of 0 v 
corresponding to the beginning of PtO formation on 
the anode. The anodic track in the presence of 
0.51 HeOs is a practically horizontal line 2 at a 
potential of +0.09 v. Table III summarizes the 
potentials corresponding to the beginning of oxide 
formation at the electrodes as indicated by the 
oscillograms in the absence of H.O., and the po- 
tentials of the beginning of the anodic decomposition 
of H.O., also taken from the oscillograms. 

It is to be noted that there is no general corres- 
pondence between the two sets of potentials (al- 
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though the values at Pt are fairly close), which 
suggests that the anodic reaction of hydrogen 
peroxide in alkaline solution does not take place via 
the intermediate formation of metallic oxides. 
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POTENTIAL, (VOLTS) 
Fic. 3. Electrolysis of HO. in neutral solution. O— 
ascending potentials, @®—descending potentials, ----- sup- 
porting electrolyte alone. 
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Fig. 4. Electrolysis of H2Oz in acid solution. O—asecend- 
ing potentials, @—descending potentials, ---- 
electrolyte alone. 


- supporting 


Neutral and Acid Solutions 


The C.D.-potential curves in neutral and acid 
solutions differed markedly from those obtained in 
alkaline solutions and specifie effects depending 
upon the naturé of the anode material were very 
apparent. All the electrodes had approximately the 
same static potential of about +0.5 v in phosphate 
buffer and about +0.8 v in NH.SO, when no current 
Was passing, but on polarization no common process 
at a low potential occurred. Instead, each electrode 
showed its own specific behavior. Some typical 
curves for unstirred 0.05.7 H.Os solutions are shown 
in Fig. 3 and 4. Only with Pt was there a well-defined 
step at low potential. This occurred in both neutral 
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and acid solutions (Fig. 3A and 4A) and the limiting 
C.D. was increased by platinizing the electrode (Fig. 
3B and 4B). With smooth Pt the step was greatly 
reduced after anodic polarization, and in acid solu- 
tions of fairly concentrated H.O., the step in the 
ascending curve showed a pronounced peak resem- 
bling the onset of passivity; this is illustrated in Fig. 
4D which represents the behavior in 0.5.7 H.O, in 
NH.SO,. The details of the step at Pt are sum- 
marized in Table IV. 

With the other anode materials very small and 
irreproducible currents flowed at low potentials, 
and no substantial current passed until the region 
of 1.0-1.3 v was reached. Thus Au in neutral and 


TABLE IV. C. D.-potential curves for Pt anodes in neutral 
and acid solutions of H2O. at 20°C 


Com Half- 


A H2O2 mencing wave 
Anode concn.  poten-  poten- Tim, 7 un- 4 

tial tial stirred 

amp/cm* 
Neutral solution 

Pt 0.54 0.60 1.2-10°% 4.0 

0.05 0.52 0.67 13.0 5.0 

0.10 0.51 0.70 26.0 4.0 

0.50 0.49 —_— — 1.5 

Platinized Pt 0.01 0.50 0.51 1.8 13.0 
0.05 0.50 0.57 21.0 6.0 

0.10 0.49 0.64 75.0 3.5 

0.50 0.50 — 250 1.4 

Acid solution 

Pt 0.01 0.87 | 0.97 1.2-10°3 | 12.0 

0.05 0.86 | 1.09 9.5 6.5 

0.10 O.85 1.15 17.0 5.0 

0.50 0.84 1.28 400 1.0 

Platinized Pt 0.01 0.93 0.98 2.1 14.0 
0.05 0.88 0.92 30.0 5.0 

0.10 0.88 0.91 66.0 5.0 


acid solutions gave the curves shown in Fig. 3C and 
4C; with Au in neutral solution the descending 
curve showed a peak in the region of +0.8 v, but 
in the ascending curves no large current passed until 
the anode potential was higher than +1.0 v. Again 
with Ni in neutral solution (Fig. 3D) the main 
current passed at a potential rather higher than 
+1.0 v. The curves with graphite were not very 
reproducible, but the same general tendency was 
apparent,*substantial current first passing in the 
region 1.0-1.2 v. It is interesting to note with these 
electrode materials that substantial current in the 
presence of H.O. passes in the same region of po- 
tential at which current first begins to flow in the 
supporting electrolyte alone, which seems to suggest 
that some species involved ih the ordinary anodic 
evolution of oxygen may be responsible here for 
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the main reaction with HO». Even with smooth 
Pt the same tendency was manifest if the lower 
step was eliminated by drastic anodic polarization. 
This is illustrated in Fig. 5. 

The current efficiencies of anodic oxidation of 
H.O. in neutral and acid solutions were again 
investigated in three significant potential regions, 
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Fig. 5. Influence of anodie polarization at Pt in neutral 
solution. O—unpolarized anode in 0.05M H.Os,- O—pre- 
polarized anode (phosphate buffer, 10 min, 0.1 amp/em?) 
in 0.05M H.Os, ----- supporting electrolyte alone. 
TABLE V. Current efficiencies for anodic oxidation of H2O» 

in neutral and acid solutions 


Region A Region B Region C 
Anode 
Vv % % 
Neutral solution 
Pt | 0.70 98 | 1.10 97 2.00 S4 
Au 1.20 103 | 1.50 95 1.90 75 
Ni 1.35 101 | 1.50 | 94 1.75 78 
Platinized Pt 0.65 109 0.95 95 1.40 79 
Graphite 1.10 1.30; 95 | 1.65) 80 
Acid solution 
Pt 1.05 89 | 1.50 | 87 2.05 | 82 
Au 1.30 99 1.65 | 96 | 2.05; 79 
Platinized Pt 0.95 101 | 1.25 | 96 1.60 88 
Graphite 1.40 98 | 1.55 | 97 1.80; 84 


and the results are summarized in Table V. Again 
it may be noted, as in alkaline solution, that if the 
potential is less than that at which any limiting C.D. 
is exceeded, the C.E. is close to 100 per cent. 

The oscillographic investigation of the behavior 
of the anodes in neutral and acid solution showed no 
significant correlation between oxide formation and 
HO, decomposition in the case of Au and Ni eleec- 
trodes, but with Pt the very interesting fact was 
noted that the H,O, decomposition track intersected 
the ordinary anodic track almost exactly at the 
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point corresponding to the onset of PtO formation, 
This is illustrated in Fig. 2B and 2C which show the 
oscillograms in neutral and acid solution, respec. 
tively; in each case Track | is that obtained in the 
absence of H,O., and Track 2 in the presence of 0.5. 
H,O., the C.D. in all experiments being 0.01 amp 
em’. The relation between PtO formation and H,0, 
decomposition is even more strikingly shown in Fig, 
2D which records the oscillograms obtained in ney- 
tral solution with 0.01. present at C.1).’s of 
(a) 0.0025, (b) 0.005, (c) 0.01, and (d) 0.02 amp /cm:: 
it may be noted that at the lower C.D.’s the oxide 
step is greatly lengthened but becomes shorter with 
increasing C.D. 


DiscussIoNn 


The current efficiency experiments have shown 
that in alkaline, neutral, and acid solutions, at all 
the anode materials investigated, hydrogen peroxide 
is quantitatively decomposed, provided the C.D, 
is not too high, so as to yield | mole of oxygen for 
the passage of 2 faradays of electricity. The process 
can be formally represented as 


+ 2F 2H+ + Op 


and this result is in agreement with the more limited 
experiments of Schéne (2) and Tanatar (3). The 
current efficiencies have been mainly determined by 
measurement of the amount of oxygen evolved, but 
this has been checked with satisfactory agreement 
in a number of instances by determining the amount 
of hydrogen peroxide used up in the electrolyte. 
It thus appears that the net result of the anodic 
decomposition of hydrogen peroxide is the same 
over the wide range of conditions investigated, but 
the mechanism of the anodic reaction seems to be 
different in different circumstances. 

In alkaline solution there appears to be a common 
process occurring at all electrodes at approximately 
the same, relatively low potential. Thus the average 
commencing potentials over the concentration range 
0.01-0.56M as taken from the C.D.-potential 
curves, are 


Pt 0.10 v) 

Platinized Pt 0.14 | 

Au 0.10 } = Mean 0.11 v 
Ni 0.12 

Graphite 0.08 


This constancy suggests that the process is es- 
sentially a reversible electronic one, and the mean 
potential is not far removed from the reversible 
static potential found by Berl (6) for oxygen at 
graphite in contact with alkaline solutions of hydro- 
gen peroxide. He found the standard potential 
experimentally to be —0.04 v (at 27°C), and the 
corresponding values for 0.1. and 0.01.M in 
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NKOH would be —0.01 and +0.02 v, respectively. 
Allowing for incidental experimental errors in the 
present work, and the inevitable small polarizations 
which accompany the passage of current, it seems 
not unreasonable to conclude that the anodic reac- 
tion corresponds to the displacement of Berl’s 
equilibrium system by removal of electrons. Berl 
formulated the reaction as 


OH- + HO, — 2e = O2 + H,0 


and this is in complete agreement with the current 
efficiency experiments. To avoid the necessity for 
assuming simultaneous discharge of the OH~ and 
HO; ions, the reaction might alternatively be 
formulated 


HO,;- — 2e = + Ht 


and this would seem to satisfy equally well both the 
current efficiency results and the dependence of the 
equilibrium potential on HO.- and OH™ ion ac- 
tivities. It should be noted that the simple discharge 
of HO: ions, thus, HO.- — e = HOn, followed by 
the combination of the radicals in pairs, 2HO, = 
H.O + 1302, which might at first sight have been 
expected, would yield 13 moles of oxygen for 2 
faradays of electricity, which is not in agreement 
with the experimental results. 

The present work enables some conclusions to be 
drawn about the kinetics of the anode reaction in 
alkaline solution. From Table I it is seen that the 
limiting C.D. is of the same order for each anode 
material in 0.01.7 H.Os solution. This suggests that 
under these conditions the rate of the anodic reac- 
tion may be controlled by diffusion of the HO.- 
ions to the electrode. According to simple diffusion 
layer theory it would then be expected that the 
ratio [jim./conen. should be constant. A complica- 
tion arises, however, owing to the stirring effect of 
the oxygen evolved; this increases as the concentra- 
tion, and hence the limiting current, is raised, and, 
as would be expected, the effect of mechanical 
stirring diminishes. If the limiting C.D. is measured 
throughout for mechanically stirred solutions, in 
which the additional stirring effect of oxygen bubbles 
may be considered small, then the following figures 
are obtained: 


Tiim,/concn. for stirred solutions 


oncn. 

cn. | Pt Piaiiend | Au Ni | Graphite 

0.01M 1.8 2.2 4.7 1.8 86.2 
0.05 2.0 2.8 1.7 2.1 0.1 
0.10 2.1 1.6 2.2 0.2 


It is seen that for all the anodes other than graphite, 
over a range of concentrations, the ratio is sub- 
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stantially constant and of the right order of mag- 
nitude for a diffusion current where the electrode 
reaction involves 2 electrons. Thus the oxidation of 
potassium ferrocyanide to ferricyanide was studied 
under identica! conditions, and an J)im./conen. ratio 
of 0.8 was obtained; here the reaction involves only 
1 electron, and this suggests a value of about 1.6 
for the hydrogen peroxide reaction, if diffusion- 
controlled and assuming the diffusion coefficients 
involved are not very different, as against an average 
value of about 2.0 given by the above figures. The 
results at graphite are out of line with those for the 
other electrode materials; this may in part be due to 
the fact that the graphite electrode had a very 
different form from the other electrodes, so that 
conditions of diffusion would necessarily be different ; 
or it may imply that the rate of the electrode reac- 
tion itself is here the determining factor. The de- 
crease of the lintiting C.D. in the descending curves 
for Pt and Au anodes (see Fig. 1) does not seem to be 
of fundamental significance since the present authors 
have observed similar effects in the study of the 
electrolytic oxidation of ferrocyanide to ferricyanide, 
which is diffusion controlled. The effects appear to 
be due to the accumulation of metallic oxides on 
the electrode surfaces on strong anodic polarization, 
which are only slowly removed by reaction with a 
depolarizer, and tend to maintain the potential at 
positive values during the descending curves. 

To summarize, therefore, the main anodic reac- 
tion of hydrogen peroxide in alkaline solution ap- 
pears to be an electronic one, which can most 
simply be formulated as 


HO,- — 2e = O. + Ht 


and in the presence of appreciable concentrations 
of HO. ions the reaction is fast so that the rate of 
the total electrode reaction is controlled by diffusion 
of the depolarizer. The indication of a second step 
in alkaline solutions at more positive potentials 
generally appears under conditions such that the 
concentration of undissociated H,O2 molecules may 
become appreciable, i.e., in relatively concentrated 
solutions of hydrogen peroxide or when large currents 
have been passed so that the pH of the solution near 
the electrode may be diminished. This suggests that 
it may correspond to a reaction of undissociated 
H.O2 molecules, and this is further discussed below. 

If the reaction which has been postulated above, 
depending upon the HO.~ ion, took place in neutral 
and acid solutions, the calculated potentials at 
which it should occur would be about +0.42 and 
+0.79 v, respectively. With most of the electrode 
materials, the static potentials, with no current 
flowing, were in the vicinity of these values as the 
following figures show: 
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Sebation 0.066 p, | Platinized| for mation of PtO, and the process should be favored 

H:0: Pt by platinizing the surface and largely eliminated 

ied o.4s | 0.52 | 6.45 | 0.47 | 046v by drastic anodic polarization which will oxidize the 

Acid 0.80 0.85 0.77 0.78 0.79 Pt surtace to form the higher, less active Oxides, 


On passage of current, however, these potentials 
were immediately substantially displaced (except 
with Pt which is discussed below). This would seem 
to indicate that the reaction postulated in alkaline 
solution can only occur rapidly in the presence of an 
appreciable concentration of HO.~ ions. In neutral 
and acid solutions the main process seems to take 
place at a relatively high potential of +1.0 to 1.3 v, 
and for many of the electrodes it coincides ap- 
proximately with the region in which current first 
begins to pass in the supporting electrolyte alone. 
This suggests that the reaction may be brought about 
by some intermediate involved in the ordinary anodic 
evolution of oxygen, and the most likely reaction 
would appear to be one between the OH radical and 
the H.O. molecule. This could be formulated as 
follows: 


OH- — e = OH 
OH + H.0. = H.0 + HO, 
OH + HO. = + Or. 


This would agree with the evolution of 1 mole of 
oxygen for 2 faradays of electricity passed. The same 
reaction may also be involved in the second step 
which sometimes shows up in alkaline solution. 

Pt and platinized Pt anodes in neutral and acid 
solutions of hydrogen peroxide show a_ specific 
behavior which appears to involve the participation 
of the electrode material. Below are listed the 
potentials at which the process begins in 0.5.17 H.O. 
solutions, as determined both from C.D.-potential 
curves and oscillograms, together with the Pt/PtO 
potentials. 


Neutral Acid 

Method Anod soln. soln. 
C.D.-potential Pt 0.52 O.S86v 
C.D.-potential Platinized Pt 0.50 0.88 
Oscillographic Pt 0.50 O85 
Pt/PtO potential 0.50 0.87 


The very close correspondence between the po- 
tentials of PtO formation and H.O. decomposition 
strongly suggests that PtO may enter as an inter- 
mediate into the process whereby HO. is decom- 
composed. Wohler (12) showed that freshiy prepared 
moist PtO is very rapidly reduced by HO, to the 
metallic state with evolution of oxygen, whereas 
PtO. only reacted very slowly and PtO; was inactive. 
It might therefore be expected that at a Pt anode 
HO. should be decomposed by the intermediate 


This is in close agreement with what has been 
observed experimentally for the low potential step 
at Pt in neutral and acid solutions of H.Os. The 
reaction might be formulated as: 


Pt + 2OH- -- 2e = PtO + H,O 
followed by 


PtO + = Pt + HO + Or. 


It might of course be argued that the process at Pt 
in neutral and acid solutions of HO: is essentially 
the same as that postulated in alkaline solution, 
viz., 


— 2e = Ht + O, 


the Pt in some way catalyzing the reaction which 
otherwise does not take place at an appreciable rate 
in neutral and acid solutions. This possibility can- 
not be completely excluded, but the bulk of the ex- 
perimental evidence seems most easily interpreted 
by the chemical reaction with PtO outlined above. 

The occurrence of the common reaction in neutral 
and acid solutions which has been attributed to the 
interaction of the OH radical with HO. suggests 
some interesting points in connection with the 
mechanism of oxygen overvoltage. In neutral and 
acid solutions of the ion can apparently 
be discharged and oxygen evolution occur at a sub- 
stantial rate with very little overpotential bein 
manifested. This strongly suggests that in the ordi- 
nary anodic evolution of oxygen it may be the dif- 
ficulty in passing from the OH radical to molecular 
QO. which is responsible for the irreverisbility. Cal- 
culation shows (13) that if OH. radicals accumulate 
at the electrode surface a substantial overpotential 
is to be expected. If the HO: radical can be formed 
in any way, then the rapid reaction OH + HO, = 
H.O + Oy may occur, as when H,.O» is present; it 
has been found (14) experimentally that the addi- 


tion of small amounts of HsO. to an electrolyte 


causes an immediate drop in oxygen overpotential. 
Two ways in which OH radicals might interact at 
an anode, in the absence of added H.Os, are: 


OH + OH = ILO, 


or reaction might take place between a free OH 
radical and one adsorbed upon the oxidized metal 
surface, thus 


MO + OH = MO---OH 
MO---OH + OH = M + ©, + HO. 
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These suggestions can at present only be regarded 
as highly speculative, but they would seem to form 
a possible link between oxygen overvoltage and 
electrolytic oxidation studies. 


Any diseussion of this paper will appear in a Discussion 
Section, to be published in the June 1952 issue of 
the JOURNAL. 
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Anode Polarization Effects of Nickel in Sulfurie Acid’ 


Dennis R. TurNER? 


Westinghouse Research Laboratories, East Pittsburgh, Pennsylvania 


ABSTRACT 


The electrochemical polarization effects at nickel anodes in 2N sulfurie acid were 
studied to determine the nature of the electrode reactions involved. Current densities 
below and above that required to passivate a nickel anode were used. There was evidence 
of an anodic film forming at the active nickel surface prior to the onset of passivity. In 
the passive state, the anode reaction was the discharge of hydroxy] ions and subsequent 
evolution of oxygen gas and formation of a nickel oxide. The presence of chloride ions had 
the effect of raising the minimum current density required to passivate a nickel anode 
and delaying the onset of passivity above this current density. The nickel oxide formed 
anodically was soluble in the acid solution and controlled the rate of polarization decay. 


INTRODUCTION 

The object of this investigation was to determine 
the anode polarization effects at nickel electrodes in 
sulfuric acid solutions. When nickel is made anode 
in an acid solution, the general reaction is the pas- 
sage of nickel ions from the electrode into solution. 
Under these conditions, the electrode is said to be 
active. A nickel anode may become passive if the 
conditions are such that metal dissolution is largely 
replaced by some other process, for example, the 
discharge of hydroxyl! ions and subsequent evolution 
of oxygen. There is evidence (1-3) to support the 
conclusion that passivity produced either by anodic 
polarization or by purely chemical means is the same 
phenomenon, namely, the formation of a film of 
insoluble material. 

Georgi (4) has shown that the active state is fa- 
vored by low current densities, small anions—Cl- < 
Br~> < SO; <CIO;-, high hydrogen ion concen- 
trations, and high temperatures. The reverse con- 
ditions favor the onset of passivity. The systematic 
investigations by W. J. Miiller and his co-workers 
(1, 2) and of Hedges (3) have clarified the conditions 
necessary to produce nickel anode passivity. It ap- 
pears that, during the early stages of passivity, a 
basic salt of nickel tends to accumulate at the anode 
surface which eventually separates out on the elec- 
trode surface. This causes the areas covered to be 
shielded so that the current density at the exposed 
portions is raised with a corresponding increase of 
potential until hydroxyl-ion discharge can occur. 
The discharge of hydroxyl-ions results in the evo- 
lution of molecular oxygen (1), and the formation of 
nickel oxide compounds (II): 


Manuscript received March 9, 1951. This paper pre- 
pared for delivery before the Washington Meeting, April 
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H.0 — OH + + & 


2 

——> © + HO (I) 
| 
Os 


NiO, NiOs, and /or NivOs. (II) 


Haissinsky and Quesney (5) have studied the con- 
ditions under which nickel hydroxide, Ni(OH)., is 
converted to the peroxide, NiO», on a nickel anode. 
The effect of pH (8.5-14) on the transition poten- 
tial was determined to be: 


RT 


In (OH )’, (III) 
where Ey is the standard potential for the Ni(OH),/ 
NiO», system. 

Using a cathode-ray oscillograph, Hickling and 
Spice (6) investigated the anodic behavior of nickel 
in alkaline, neutral, and acid solutions. In alkaline 
solutions (pH 12-14), a layer of nickelie oxide, 
Ni,Os, is formed in thicknesses greater than 1 mole- 
cule. A nickel anode may become passive in a buffer 
solution (pH 5-10) by the primary formation of a 
sparingly soluble salt film; this may be followed by 
an oxide formation if the film is porous. In more acid 
solutions, the behavior is conditioned by the pres- 
ence or absence of a protective film dependent on 
the pretreatment of the electrode. 

The potential of a nickel anode increases over a 
period of several days owing to the increasing polari- 
zation of the anode (7). This polarization is accom- 
panied by the appearance of a brown anode film 
which is a solid solution of NiO, in NisO;. These 
oxides apparently are poor conductors. This tends 
to reduce the surface area of the electrode and 
thereby increases the effective current density. 

The effect of specific anions in the solution on the 
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anodic behavior of nickel has been the subject of 
study by numerous workers (1, 8). The chloride ion 
is especially effective in reducing the passivity of 
nickel anodes, and hence, in electroplating chloride 
jons are usually added to the plating bath to insure 
proper anode dissolution. 

In this research the anodic polarization effects on 
nickel in 2N sulfuric acid were studied by recording 
the electrode potential changes with time. These 
potential-time curves were then interpreted in terms 
of the most probable electrode reactions occurring. 


APPARATUS 


The apparatus required for these experiments in- 
cluded an electrolytic cell, an oscillograph, a cell- 
charging circuit, and a supply of hydrogen gas with 
gas washing bottles. The cell-charging circuit was 
automatically controlled by the oscillograph, being 
built as an integral part of the recording equipment. 
The cell-charging circuit and cathode-ray oscillo- 
graph, designed for electrochemical polarization 
work, were similar to those described by Ferguson 
and Turner (14). 

The electrolytic cell used for this work is shown 
in Fig. 1. It consisted of one 100 and three 200 ml 
tall-form beakers connected through glass syphons. 
The 200 ml chamber containing the electrode under 
investigation—second from left—was made gas- 
tight so the 2N H.SO, solution could be saturated 
with hydrogen gas. Tank hydrogen, before entering 
the cell, passed through two gas washing bottles 
containing chromous chloride solution and 2N sul- 
furic acid, to remove the last traces of oxygen and 
saturate the gas in 2N sulfuric acid, respectively. 
The electrodes were copper disks, 0.064 em thick 
and 1.13 em in diameter, which made the front sur- 
face area 1.00 cm?. The backs of the electrodes were 
insulated with a solvent-less plastic stopoff material, 
Unichrome 218. The potential of the electrode under 
study was measured relative to a standard reference 
mercurous sulfate electrode. The end of the syphon 
from the reference electrode to the electrode being 
studied was shaped and positioned so that it touched 
the back of the electrode. This permitted polariza- 
tion measurements without including any solution 
IR drop. The back of the electrode was insulated 
so that the potential measured by the reference 
electrode corresponded to an equipotential line po- 
sitioned very close to the front surface (9). The po- 
tential of the mercury-mercurous sulfate electrode 
with 2NV H.SO, is +0.673 volt on the hydrogen scale. 
The auxiliary electrode consisted of a large copper 
electrode dipping in a solution 1 normal in H.SO, 
and CuSO,. This system served as a good auxiliary 
electrode since either cathode or anode treatment 
caused only slight polarization. 
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Prior to each experiment, the electrode to be 
studied was polished smooth with emery paper— 
finishing with 4/0 grade, dipped in a standard cop- 
per bright-dipping solution and then plated with 
nickel to about 0.025 mm thickness in a Watts-type 
bath of the following composition: 


Nickel sulfate (NiSO,-6H2O).............. 240 g/l 
Nickel chloride (NiCl.-6H,O)... 38 g/l 
Borie acid (H;BOs).. 38 g/l 


The electrodes were plated at 20 ma/cem® current 
density with the solution at 55°C. 


NICKEL 
ELECTRODE 
UNDER STUOY 


SYPHONS Gas TRAP AUXILIARY 
Exit ELECTRODE 


GAS BUBBLING 
TUBES 


SYPHONS ~ 


FILTER PaPER 
PLUG 


SOLUTION EN IN 
2NHZSO04 ——— 4,50, CuSO, 
62504 PASTE j 


He 
Pr SEAL THROUGH 
GLASS 


| CHAMBER WITH 
INTERMEDIATE | GAS TRAP "SINTERED GLASS AUXILIARY 
exit PLUG ELECTRODE 
SINTERED CHAMBER WITH ELECTRODE INTERMEDIATE 
GLASS BEING STUDIED VESSEL 


Fig. 1. Electrolytic cell 


EXPERIMENTAL PROCEDURE AND RESULTS 


The growth and decay of nickel anode polariza- 
tion were studied at current densities below and 
above that required to passivate the electrode. The 
effects of cathodic prepolarization on anodic polari- 
zations were determined. Chloride ions were added 
to the sulfuric acid solutions and their effects studied. 
The potential changes with time which occurred 
during these experiments are shown in the oscillo- 
grams of Fig. 2, 3, 4, and 5. The film was moved at 
the rate of 1.06 cm/sec to provide the horizontal 
time axis. The potential axis on the records was 
vertical with calibration lines placed directly on the 
film in most cases. The calibration potentials which 
appear on the oscillograms were converted to the 
hydrogen scale by adding the potential of the mer- 
curous sulfate reference electrode. All potentials 
given in this paper refer to the hydrogen scale. 


Polarization Growth and Decay 


The growth and decay of nickel anode polariza- 
tion, at current densities below that required to pas- 
sivate the electrode within a few seconds, are shown 
in Fig. 2A. Each curve represents an individual ex- 
periment. Initially, the electrode was unpolarized, 
the potential (0.02 volt) appears as the lower hori- 
zontal line at the left side of the record. At a, the 
electrode became anode and its potential changed 
sharply to a maximum positive value followed by a 
gradual decrease in potential to some stable polari- 
zation value. The anode polarization was a function 
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A. Solution: 2.V H.SO,. Current started at a, interruptedat e. Curve 1—10 ma/em?, curve 2—10 ma/em*, curve 3—100 ma/em?, 


B. Solution: 2N) H.SO,. Current started at a, interrupted at e. Curve 1—300 ma/em?, curve 2—300 ma/cm!?, 
curve 3—380 ma/em*, oxygen evolution at ds. 


C. Solution: 2NV H.SO,. Electrode made anode at a, oxygen evolution at d, current interrupted at e. Curve 2 recorded 
1 min after curve | at same current density—400 ma/em?. 


Fic. 2. Nickel anode polarization growth and decay 


of current density. The anode polarization decay 
with time was recorded, beginning at ¢, after about 


anode time, resulting in a decay curve similar to 
those of Fig. 2A. It may be noted in this oscillogram, 
a 5-second anode treatment. The electrode poten- however, that after a few seconds’ decay the elee- 


tial changed rapidly to a minimum value of —0.11 
volt which was clearly more negative than the equi- 
librium unpolarized value. Several minutes were re- 
quired for the potential to rise to the stable un- 
polarized value. 

A similar experiment was carried out at higher 
current densities (see Fig. 2B). As before, the stable 
unpolarized nickel electrode potential at the begin- 
ning of each record is the horizontal line in the lower 
left end of the film. At a, the electrode was made 
anode producing a sharp potential change. After the 
initial maxima the curves quickly reach a relatively 
steady potential. The current density was 300 ma 
em? for curves | and 2 and 380 ma ‘cm? for curve 3. 
In curve | the electrode remained anode for the 
entire duration of the record, whereas the current 
was interrupted in curve 2 after about 5 seconds’ 


trode potential gradually began changing toward 
more negative values. This effect was not  repro- 
duced in other oscillograms and may have been due 
to a change in the experimental conditions such as 
a sudden flow of the hydrogen gas which was bub- 
bled through the solution. At slightly higher current 
densities, the anode after maining near 
that of curves 1 and 2 for a few s+ ‘s, changed 
abruptly to that of oxygen evolution, +2.2 volts. 


This is shown in curve 3. The transition occurred in 
the potential change between c-d of curve 3. Oxy- 
gen was evolved, beginning at d. The current was 
interrupted at ¢ and an entirely different kind of 
anode polarization decay curve resulted, as com- 
pared with those described previously. An_ initial 
change in potential from +2.2 to +1.6 volt oe- 
curred rapidly. This was followed by a slow mv 
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A. Solution: 2V H.SO,. Current density—700 ma/em?. Current started at a, oxygen evolution at d, current interrupted at 
e. Curve 1 decay after anode 10 sec, curve 2 decay after anode 5 sec, curve 3 decay after anode 1 sec. 


B. Solution: 2N H.SO, and 0.082N HCI. Current started at a, interrupted at e. Curve 1—100 ma/em*, curve 2—300 ma/em?, 


curve 3—600 ma/em?, oxygen evolution at d. 


C. Same as B except solution: 2V H.oSO, and 0.164N HCl. 


Fig. 3. Nickel anode polarization growth and decay 


tial decay reaching a relatively stable potential at 
g, +0.26 volt, after about 2 seconds. 

Previous treatment of a nickel electrode was ob- 
served to be an important factor in determining the 
ease With which the oxygen evolution potential could 
be reached. This is illustrated in Fig. 2C. A freshly 
prepared electrode was made anode at a, 400 ma/ 
em? current density, resulting in curve | which re- 
mained at a near constant potential of +0.6 volt 
for about 13 seconds prior to oxygen evolution at 
d;. The polarizing current was interrupted a few 
seconds later and the electrode potential allowed to 
decay for one minute before being made anode again 
at a3. The anode time required in curve 2 for the 
electrode potential to reach oxygen evolution at ds 
was now only 2.5 seconds, or one fifth the original 
time. 

If a nickel electrode is made anode with oxygen 
evolution at a high current density for an appre- 
cable time, then any succeeding anode polarization 


growth curves recorded soon afterward show oxy- 
gen evolution occurring almost immediately. Curves 
1, 2, and 3 of Fig. 3A show this, using a 700 ma ‘cm? 
current density. No potential arrest was visible 
between a-d. The same record shows also the -rela- 
tion between the anode time and the rate of polari- 
zation decay following each anode polarization. The 
anode time was measured between d-e in the curves 
and decay time from e to the minimum potential of 
the dip in the curves at g. The results are as follows: 


Curve No. Anode time Decay time, ¢ to ¢ 
l 10 see 2.8 see 
2 5 see 1.9 see 
3 1 see O.S8 sec 


These values are approximately related by a square 
function, that is, anode polarization time is propor- 
tional to the polarization decay time squared. 

After prolonged anodic treatment the electrode 
became a dull gray around the outer edge of the 
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\. Solution: 2V H.SO, and 0.164N HCl. Current density—60 ma/em?*. Curve 1: electrode cathode to a,, current interrupted 
at a,, made anode at b,. Curve 2: electrode cathode to a2, made anode at a,. Current interrupted at e. 


B. Solution: 


C. Current density 


at d;, current interrupted at e;. Curve 2: solution 


2N H.SO,. Current density—540 ma/em?. Electrode cathode to a, made 


500 ma/em?. Eleetrode cathode to a, made anode at a. Curve 1 
2N H.SO, and 0.055NV HC1, nickel 


anode at a, current interrupted at e¢. 


: solution—2.V H.SO,, oxygen evolution 
dissolution at be. 


Fic. 4. Cathode prepolarization effects on anode polarization 


anode surface. This was due to the formation of one 


of the nie’.el oxides. 

In order to study the effect of chloride ions, the 
2N sulfuric acid solution was made 0.082N in hy- 
drochlorie acid. Anode polarization growth and de- 
“ay curves were recorded at three current densities 
—100, 300, and 600 ma/cm*. These appear in Fig. 
3B as curves 1, 2, and 3, respectively. At the highest 
current density, curve 3, the potential arrest lasted 
for approximately | second prior to the rapid poten- 
tial change to that of oxygen evolution. The anode 
polarization decay from the oxygen evolution po- 
tential was as previously described. The chloride ion 
concentration was increased to 0.164, and the pre- 
ceding experiment repeated. The results, recorded 
in Fig. 3C, display no distinct change from the pre- 
shorter potential arrest shown in 
3B cannot 
sidered significant since, as demonstrated in Fig. 2C, 


vious record. 
curve 3 as compared to Fig. be con- 
the duration of the arrest was dependent on the 
previous history of the electrode. 


Effect of Cathode Prepolarization on 
Anode Polarization 

An electroplated nickel electrode was made cath- 
ode at a current density of 60 ma/em? in a hydrogen 
saturated solution 2N in H.SO, and 0.162N in HCl. 
Two curves were recorded in Fig. 4A. The first was 
carried out to determine the effect of allowing the 
‘athode polarization to decay 5 seconds before the 
electrode was made anode. Curve | shows the cath- 
ode polarization decay between a, and by. At 6; the 
electrode became anode for 5 seconds to e, where 
the current was interrupted to record the anode 
polarization decay curve. In curve 2 the electrode 
was switched directly from cathode at a, to anode at 
b. with no decay period in between. The anode po- 
larization decay started at ee. 

To learn more about the influence of chloride ions 


on these processes, several experiments were  per- 
formed with nickel electrodes in 2N H.SO, solutions 
with and without chloride ions present. In Fig. 4B, 
a freshly plated electrode was made cathode in a 
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A. Solution: 2N H.SO, and 0.055N HCI. Current density—500 ma/cm?. Electrode cathode to a, made anode at a. Curve 1: 
initial anode polarization curve. Curves 2 and 3: successive anode polarization curves. Current interrupted at e. 


B. Solution: 2V H.SO, and 0.055N HCI. Current density—700 ma/em?. Curve 1: Cathode to a), current interrupted between 
a,—b;, made anode at b;. Curve 2: cathode to a2, made anode at a2. Current interrupted at e. 


C. Solution: 2N H.SO, and 0.055N HCl. Current density—550 ma/em*. Nickel surface electropolished. Curve 2 recorded 
shortly after curve 1. Electrode made anode at 6, oxygen evolution at d, current interrupted at e. 


Fia. 5. Cathode prepolarization effects on anode polarization 


chloride-free solution, 5, 6, and 9 seconds at 540 
ma/em? current density prior to being made anode 
at a in curves 1, 2, and 3, respectively. The current 
was interrupted at ¢. The electrode potential at a 
in all curves changed immediately to that of oxygen 
evolution. This procedure was repeated in obtaining 
curve 1 in Fig. 4C where the solution was free of 
chloride ions and the current density was 500 ma 
em’. Then chloride ions were added to the solution 
so that it was 0.055N in HCl and curve 2 was re- 
corded. Previously unpolarized, the electrode was 
made cathode at XY. The cathodic treatment at 500 
ma/cm? lasted about 5 seconds to a2 where the elec- 
trode was made anode at the same current density. 
The electrode changed immediately to arrest poten- 
tial and did not change to that of oxygen evolution 
for the remainder of the record. 

A freshly plated nickel electrode was placed in the 
same solution, that is, 0.055N in HCl. Three con- 
secutive anode polarization growth and decay curves 


were recorded, all at the same current density of 
500 ma/em?® (see Fig. 5A). In"each case the elec- 
trodes were made cathode for a few seconds prior 
to being made anode. The initial anode curve began 
at a, and a slight potential arrest was perceptible at 
b,. The second and third anode curves displayed very 
distinct potential arrests at about +0.55 volt which 
lasted approximately 1 second, the arrest of curve 
3 being slightly longer than that” of 2. Anode" polari- 
zation decay curves were also recorded beginning at e. 

An experiment similar to that recorded in Fig. 
4A and previously described was carried out at a 
high current density of 700 ma/cm?. The solution 
was 0.055N in HCl. Two curves were recorded in 
Fig. 5B. In each case the electrode was made cathode 
for 15 seconds beforehand. The cathode potential was 
beyond the edge of the film and therefore was not 
recorded. The first curve began at a,, where the cur- 
rent was interrupted and the cathode polarization 
allowed to decay for 5 seconds. The electrode was 
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made anode at ); and the potential changed imme- 
diately to d,; without any appearance of a potential 
arrest in between. At e; the anode polarization was 
allowed to decay. The second curve began at da» 
where the electrode was made anode directly after 
being cathode and a clearly defined potential arrest 
appeared at b. prior to the start of oxygen evolution 
at do. The current was interrupted at ¢ allowing the 
polarization to decay. 

The electroplating solution used to produce the 
uniform nickel electrode surface was free of all 
brightening agents and therefore the deposits were 
not bright. One of these dull electrodes was anodi- 
cally electropolished in a solution of the following 
composition: 60 per cent orthophosphoric acid, 20 
per cent sulfuric acid and 20 per cent water by vol- 
ume. The mirror-bright electrode was placed in the 
cell with the H.SO, solution, also 0.055N_ in 


g h 


Fic. 6. Typieal nickel anode polarization growth and 
decay curves. Curve syz—polarization decay of active 
electrode, curve efgh—polarization decay of passive elec- 
trode. 


HCl, and was made cathode at 550 ma em? for 5 
seconds prior to being made anode at the same cur- 
rent density. The anode potential of curve 1, Fig. 
5C, immediately changed to b. Then after a short 
arrest the potential changed to d, where oxygen 
evolution began. The second curve was recorded 4 
few minutes after the decay of the anode polariza- 
tion of curve 1. At X the electrode was made cath- 
ode—the cathode potential was beyond the film edge 
and therefore was not recorded. After 5 seconds as 
cathode, the electrode was made anode and a longer 
potential arrest appeared at b. as compared to curve 
1. This was followed by the final change in potential 
to d.. The initial portion of the anode polarization 
decay of both curves in Fig. 5C, starting at ¢, took 
place in a relatively short time as compared to the 
results with the unpolished electrodes. 
Discussion OF RESULTS 

The general pattern of anode polarization growth 
and decay at current densities below that producing 
passivity within a few seconds is illustrated in Fig. 
6. The nickel elect rode, made anode at a, changes its 
potential suddenly to 6 and then decreases slightly 
to a relatively stable value. At x the polarizing cur 
rent is interrupted, producing a sudden potential 
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change of the electrode to y where the potential goes 
through a minimum value before returning to the 
normal unpolarized potential z. 

At current densities above about 300 ma /‘em-*, 4 
nickel electrode in a 2.N H.SO, solution becomes pas- 
sive with the evolution of oxygen within a few see- 
onds. This also is illustrated in Fig. 6. As in the case 
of an active electrode, the potential changes abruptly 
when the electrode is made anode and after remain- 
ing active, with nickel dissolution for a definite time, 
the potential changes rapidly again at ¢ to d where 
oxygen is evolved freely. At e, the current is inter- 
rupted and the electrode potential changes quickly 
tof. From f tog the potential change is more gradual 
with a sudden decrease in the rate of anode polariza- 
tion decay from g to the normal unpolarized poten- 
tial. 

The initial maximum in the anodic curve at } was 
also visible in the oscillograms of Hickling and 
Spice (6), but the effect was not considered in their 
discussion. Miiller (3) and Hedges (4) have shown 
that an anodic film of nickel sulfate may be formed 
in strong sulfuric acid solutions. It is possible, there- 
fore, to explain the initial anode maximum potential 
on the basis that nickel ions pass into solution at 
first with no film formation, 

Ni = Nit+ + 2c, (IV) 
which is followed by the precipitation of nickel sul- 
fate at the anode surface, 

Nit+ + SO; = NiSO,. (V) 
As the nickel sulfate film begins to form, however, 
the activity of the nickel ions at the metal-solution 
interface is reduced. This causes the electrode po- 
tential to decrease to a steady value where the rate 
of film formation is equal to the rate of film removal 
from the surface by solution into the main body of 
the electrolyte. 

At sufficiently high current densities, the anode 
film will form faster that it can dissolve so that, as 
the surface becomes covered, the effective current 
density increases at the uncovered portious of the 
electrode. This is believed to be the cause for the 
rise in the electrode potential just prior to its be- 
coming passive. The state of passivity is reached 
when the nickel sulfate anode film is completed and 
the electrode reaction changes from nickel dissolu- 
tion, equation (IV), to the discharge of hydroxyl 
ions and subsequent evolution of oxygen, equation 
(I). 

In addition to oxygen gas, which eseaped freely 
from the anode surface, nickel oxides were formed, 
replacing the nickel sulfate film. The nature of these 
oxides has been studied by many workers (1, 3, 6, 


7), the general conclusion being that nickelic oxide 
or hydroxide Ni(OHD), is formed. Under cer- 
tain conditions (5) the peroxide NiO. can be formed 
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anodically. The exact composition of the nickel oxide 
or oxides formed in this work was not determined 
specifically although the anode polarization decay 
results, to be discussed later, indicated the presence 
of some NiQs. 

When the electrolysis current was interrupted, 
anodic polarization decay occurred. The decay curve 
of an electrode still active was very different from 
that obtained from a passive electrode. This is to 
be expected in view of the anodic processes discussed 
previously. The decay curves, however, were very 
interesting and the processes best suited to explain 
these effects confirm those already suggested as pro- 
ducing anode polarization. 

The polarization decay of active nickel anodes 
initially changed to a potential about 0.1 volt more 
negative than the equilibrium unpolarized value. 
This anomalous effect can be explained on the basis 
that the film of nickel sulfate formed anodically was 
dissolved rapidly from the surface, exposing a rela- 
tively clean nickel surface. As the nickel surface 
adsorbed a layer of solution impurities, probably oxy- 
gen, the potential slowly changed toward more posi- 
tive values and toward the equilibrium potential of 
the unpolarized electrode in this solution. This sug- 
gests therefore that the equilibrium unpolarized 
nickel electrode potential is controlled by the solu- 
tion environment and that in a solution free of im- 
purities such as oxygen, the electrode potential 
would not change in value from that of the clean 
nickel surface when the anodic film dissolves. The 
solution in these experiments was at all times satu- 
rated with and kept in an atmosphere of hydrogen 
gas. The concentration of oxygen necessary to in- 
fluence the electrode potential, however, is very 
low (10) so that the small amount escaping the puri- 
fication process, if adsorbed on the clean nickel sur- 
face, could be responsible for the observed effect. 
The presence of an anodic film at the electrode sur- 
face, prior to current interruption, was suggested by 
the observable time required in many experiments 
for the electrode potential decay curve to reach the 
minimum value. In the absence of a film the poten- 
tial would be expected to change almost immediately 
to that of the clean nickel surface. 

The polarization decay of passive nickel anodes 
began at +2.2 volts and changed immediately to 
about +1.6 volts followed by a gradual potential 
change to +0.26 volt at which point the rate of 
polarization decay was suddenly reduced with the 
electrode slowly approaching the equilibrium un- 
polarized potential. The initial potential change from 
+2.2 to about +1.6 volts is interpreted as the rapid 
decay of the anode polarization due to the oxygen 
overvoltage. The oxygen overvoltage is that part of 
the total anode polarization which is due to the oxy- 
gen gas produced anodically. Gas overvoltages are 
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known to decay very rapidly (11). The gradual po- 
larization decay process between +1.6 and +0.26 
volts is attributed to the slow rate of solution of the 
nickel oxide. Latimer (12) reports an Ey value of 
+ 1.75 volts in acid solutions for the reaction 


NiO. + 4H+ + 2e— = Nit*+ + 2H.0, (VI) 


which is in the right order of magnitude for the 
observed start of this stage of polarization decay. It 
was shown that the square of the time required for 
the polarization decay was roughly proportional to 
the total time the electrode was made anode prior to 
current interruption. Longer anode polarizations 
would be expected to produce more nickel oxide so 
that a longer decay process would result. The rate 
of reaction (VI) is controlled by the rate at which 
hydrogen ions diffuse to and nie'sel ions diffuse from 
the metal-solution interface. Since the square of the 
diffusion rate is proportional to the concentration of 
the diffusing material, the relation between the an- 
ode polarization decay and anode polarization time 
‘an readily be explained. In some of the oscillo- 
grams recording anode polarization decay, Fig. 3A, 
3C, 5A, and 5C, there were some peculiar dips and 
arrests in the curves which were not reproducible. 
As yet there are no satisfactory explanations for 
these effects. 

The addition of chloride ions to the 2N sulfuric 
acid electrolyte had the effect of raising the mini- 
mum current density required to passivate a nickel 
anode. Above the minimum current density, chloride 
ions in the solution delayed the onset of passivity. 
The mechanism whereby chloride ions inhibit pas- 
sivity is not completely understood. Some (13) be- 
lieve that chloride ions penetrate through micro- 
scopic holes in anodic oxide passive films, which 
may be the mechanism in rendering a passive elec- 
trode active, but this does not explain the ability 
of chloride ions to delay the onset of passivity at 
potentials considerably below that of nickel oxide 
formation. The solubility of hydrated nickel chloride 
at 20°C is about four times that of hydrated nickel 
sulfate. Thus the presence of chlorides at the nickel 
anode surface can be expected to inhibit passivity, 
according to the Miiller film theory, on the basis of 
solubilities alone. A more detailed study of the effect 
of chlorides is necessary, however, before a complete 
explanation of the phenomenon can be given. 

Several interesting effects were observed when 
the nickel elecgrodes were made cathode prior to 
being made anode. At low current densities, such 
that the electrode did not become passive, there 
were no changes in the anode polarization effects 
when a cathodic pretreatment was used. The high 
current densities produced unusual results in the 
growth of anode polarizations to the passive state. 
A freshly deposited nickel electrode became passive 
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almost immediately the first time it was made anode 
after a cathode pretreatment, the electrode potential 
changing from a, Fig. 6, to d with little if any visible 
potential arrest at b-c. Successive anodic curves 
always contained an appreciable potential arrest 
corresponding to nickel dissolution at b-e prior to 
becoming passive. A similar effect was obtained 
using an electropolished nickel electrode. It ap- 
peared, therefore, that from the second anodic curve 
on, the nickel surface was in a.more active state, as 
the electrode was switched from cathode to anode, 
than in the initial anodic curve. The initially formed 
anodic nickel oxide surface layer is cathodically re- 
duced to free nickel so that when made anode the 
second time, the electrode surface is composed of a 
very porous layer of active uickel. In addition to the 
freshly reduced nickel, the surface area has increased 
considerably so that the effective anode current 
density is at first below the critical value for pas- 
sivity. The reduced nickel probably all dissolves 
anodically before the electrode becomes passive 
again, forming a fresh supply of the nickel oxide. 
The cathodically reduced nickel surface was quickly 
changed by the solution environment, for if the cur- 
rent was interrupted for a few seconds between 
cathodic and anodic electrode treatment, the po- 
tential immediately changed to that of the passive 
electrode when made anode. This was probably due 
to the rapid adsorption of some solution impurity, 
possibly oxygen. 


SUMMARY AND CONCLUSIONS 


The electrochemical polarization effects at nickel 
anodes in 2.V sulfuric acid solutions were studied to 
determine the electrode reactions involved. The sole 
anode reaction, up to about 300 ma/cm?* current 
density, was nickel dissolution. Above this current 
density the nickel anodes became passive within a 
few seconds. A determination of the exact condi- 
tions of current density and time required to pas- 
sivate a nickel anode was not possible since the pre- 
vious history of each electrode had an appreciable 
effect on the results. 

There was evidence of an anodic film, probably 
nickel sulfate, forming at the active nickel surface 
which supported the Miiller film theory of passivity. 
A further study of the exact nature of this film 
should be made, perhaps with the aid of an instru- 
ment such as the polarizing microscope. 

A freshly electrodeposited or electropolished nickel 
electrode, after cathodic prepolarizafion, became an- 
odically passive more rapidly than an electrode 
which had been made anodic prior to the cathodic 
pretreatment. This was explained on the basis that 
when the nickel electrode was made anode, forming 
a nickel oxide surface layer followed by a cathodic 
reduction to free nickel again, the dlectrode surface 
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area Was greater and in a more active state as com- 
pared to the original electroplated or electropolished 
surface. 

The addition of chloride ions to the 2N sulfurie 
acid electrolyte had the effect of raising the mini- 
mum current density required to passivate a nickel 
anode. Above the minimum current density, chloride 
ions in the solution delayed the onset of passivity, 
The mechanism whereby chloride ions inhibit pas- 
sivity is not completely understood. It was suggested 
that the improved solubility of hydrated nickel 
chloride over hydrated nickel sulfate is the reason 
chloride ions added to a sulfate solution can delay 
the onset of nickel anode passivity. 

The electrochemical reaction at passive nickel an- 
odes was the discharge of hydroxyl ions. A major 
portion of the ‘discharged hydroxyl ions was trans- 
formed to oxygen and escaped from the metal-solu- 
tion interface as gas bubbles. A visible nickel oxide 
film was also formed. The nickel oxide was soluble 
in the 2N sulfurie acid solution. 

A measurable delay in the polarization decay of 
passive nickel anodes was attributed to the gradual 
rate of solution of the nickel oxide. The oscillograms 
showed some peculiar waves in the decay curves, 
however, that could not be explained. The molecular 
oxygen present in the vicinity of the electrode during 
the anode polarization decay certainly has some in- 
fluence on the decay process and may be responsible 
for the anomalous effects. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1952 issue of the 
JOURNAL, 
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The Electrical Conductance of Solutions of Cobalt (ID 
Nitrate Hexahydrate in Acetophenone at 25°C 


Kurr H. Srern? anp Cuarues C. TemMpLeron® 


Department of Chemistry, University of Michigan, Ann Arbor, Michigan 
ABSTRACT 


The conductance of cobalt (II) nitrate hexahydrate in acetophenone at 25°C has been 


“0 


measured from saturation (slightly above 0.03 molal) down to 0.0001 molal. Above 0.001 
molal, the molal conductance is quite constant, and the salt appears to be largely (95 


per cent or more) undissociated. 


Other papers from this laboratory (1, 2) have dis- 
cussed the distribution of inorganic nitrates between 
aqueous and organic liquid phases. These distribu- 
tion relations would be much better understood if 
some direct measurements were made of the colliga- 
tive properties of solutions of the nitrates in typical 
organic solvents. It is not possible to prepare the 
metallic nitrates of most interest here in unam- 
biguous anhydrous form; cobalt (II) nitrate hexa- 
hydrate is thus a typical solute. The organic solvents 
of interest are principally alcohols and methyl ke- 
tones of five carbon atoms or more. Since it was 
originally planned to make both freezing point de- 
pression and electrical conductance measurements 
on the same system, acetophenone was chosen as 
the solvent because of its convenient melting point, 
19.655°C(3)*. It was decided to make the conduct- 
ance study first because it involved equipment 
which was readily available. Later events have pre- 
vented undertaking the freezing-point study. 

No previous case was found in which the conduct- 
ance of a salt hydrate in an organic solvent has been 
investigated. A good experimental knowledge of the 
conductivities of nonaqueous solutions of typical 
solutes that can be prepared in good anhydrous form 
is available, particularly as typified by recent papers 
of Kraus and co-workers (5-8). The question of 
main interest is the extent to which the conductance 
phenomena of organic solutions of salt hydrates 
differs from comparable anhydrous systems. This 
aspect is far from trivial. Our interest stems from 
the solubility of metallic nitrates in many oxygen- 

‘Manuscript received April 23, 1951. This paper prepared 


for delivery before’ the Philadelphia Meeting, May 4 to 8, 
1952. 

*Present address: Department of Chemistry, Clark 
University, Worcester, Massachusetts. 

‘Present address: Shell Oil Company, 3737 Bellaire 
Boulevard, Houston 5, Texas. 

‘Preliminary cryoscopic measurements on solutions of 
thorium nitrate tetrahydrate in acetophenone have pre- 
viously been described (4). Acetophenone and cyclohexanol 
seem to be the only common solvents in this general group 
whose cryoscopy can be studied near room temperature. 
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containing organic solvents, and it seems impossible 
to study these systems in the anhydrous state. 
Further, we have independent evidence that the 
water is largely held as an integral part of an un- 
dissociated salt complex when dissolved in these or- 
ganic solvents (2). 


EXPERIMENTAL 


Materials.—General Chemical Company reagent 
grade cobalt(II) nitrate hexahydrate was used with- 
out further purification. Ignition to Co;O4 gave the 
following values for the hydrate oxide ratio: 3.64, 
3.64, 3.63; theoretical, 3-[Co(NOs;)o-6H20/Co,04] = 
3.63. 

The purification of acetophenone has been thor- 
oughly investigated by Morgan and Lammert (3) 
who recommended fractional freezing as the only 
practical method. They give 6.43-10~° as the spe- 
cific conductance of their purest acetophenone. 
Fisher Scientific Company C.P. grade acetophenone 
was frozen out ten times, which was sufficient to 
lower the specific conductance to 1.7- 10-7. By addi- 
tional freezings the specific conductance was lowered 
to 6.2-10-—equivalent to the purest solvent of 
Morgan and Lammert. However, this purest solvent, 
even when stored in tightly sealed brown bottles in 
the refrigerator, would increase in conductance back 
up to 1-107 to 2-107 after a few days. In the range 
of molalities from 0.001 to 0.0326, solvent with 
specific conductance between 1-10~ and 2-107 was 
used, since here the solvent correction constituted 
less than one per cent of the solution conductance. 
For the more dilute solutions all the solvent used 
was initially of the purest 6-10-° conductance. 
Whether these dilute solutions were prepared by 
weighing alone or by weighing and dilution, the 
solvent was necessarily a few hours ‘old’? when the 
solutions prepared from them were ready for meas- 
urement. The solvent corrections were based on 
conductance measurements made on the solvent as 
closely as possible in time to the solution measure- 
ments. Thus for solutions below 0.001 molal, the 
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absolute solvent correction (solvent specific con- 
duetance) was lower than 2-10~° for 80 per cent of 
the measurements. 

The potassium chloride used in calibrating the 
cell was prepared by recrystallizing the Mallinckrodt 
analytical reagent grade material twice from dis- 
tilled water, drying at 100°C, and finally fusing in 
a platinum dish. 

Apparatus.— The conductance bridge was of the 
Jones and Josephs type with a Wagner ground. A 
vertical cylindrical cell of 15 ml capacity, which was 
closed by a large ground-glass stopper, was used. 
The bright platinum electrodes were about 1.5 em 
square and were about 0.1 em apart horizontally. 
By the procedure described below, the cell constant 
was determined as 0.03155. The measurements were 
made in a water thermostat at 25.00° + 0.05°C. 

Preparation of solutions.—For the solutions of mo- 
lalities of 0.001 and greater, the salt and solvent were 
weighed directly into a 15 ml ground-glass stoppered 
test tube, which was then immediately sealed. The 
tube was next turned end over end for several hours; 
this agitation was continued for at least one hour 
beyond the time at which the presence of the solid 
could no longer be detected visually. 

More dilute solutions were prepared by dilution 
by weight of a stock solution whose container was 
kept wrapped in black paper to prevent photo- 
chemical decomposition. Such decomposition was 
mentioned by Morgan and Lammert (3). Since, in 
preliminary work, a set of dilutions from a stock 
solution which was several weeks old led to incon- 
sistent conductance values, subsequent stock solu- 
tions were kept no longer than four days. Diluted 
solutions were measured within an hour after the 
final mixing®. 

Density measurements.—Although it proved un- 
necessary to use them, density measurements were 
made on the solutions of molalities above 0.01 by 
use of a simple pycnometer. The density was a linear 
function of the molality within the experimental 
accuracy. The data may be represented by the equa- 
tion: 

dy, = 1.0238 + 0.11m, 


for 0.000 < m < 0.035. 

Cell calibration——Since the constant of the work- 
ing cell was too low to be measured directly with a 
potassium chloride solution, a substitution method 


5 We did not observe any increases in conductance of our 
solutions with time which we feel can be attributed to the 
slow attainment of ionic equilibrium, as claimed by Moore 
and Johns for solutions of picrie acid in acetophenone (9). 
Such increases as were observed seemed clearly due to over 
exposure to light, the effeets being of the same character 
as those encountered in the pure solvent under similar con 
ditions. 
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was used. Cell A was calibrated against a 0.01000N 
potassium chloride solution, whose specific 
ductance was taken as 0.001411 at 25°C® The con. 
stant of cell A was 4.552. A more dilute potassium 
chloride solution was measured in cells A and B. 
giving 0.1334 as the constant of cell B. Several con- 
centrated solutions of cobalt (11) nitrate hexahydrate 
in acetophenone were then measured in cell B and 
in the working cell used for the actual measure- 
melts. From the average value of the resistance 
ratios found, the constant of the working cell was 
determined to be 0.03155. 


TABLE 1. Molal conductance of cobalt (II) nitrate 
hexahydrate in acetophenone at 25°C 


Molal 

Molality conductance 
0. 0000924 4.91 (2.2)* 
0.0001003 3.39 (2.8) 
0.0001029 3.41 (1.8) 
0. Q00158 3.08 (4.0) 
0.000184 2.74 (4.3) 
0.000224 2.49 (2.2) 
0.000248 2.20 (1.1) 
0.000483 2.09 (1.2) 
0.000729 2.41 (1.2) 
0.000766 2.13 (1.3) 
0.000777 2.30 (1.2) 
0.000918 2.54 (1.0) 
0.001222 2.78 (1.8) 
0.001644 2.78 (0.37) 
0.00459 2.73 (1.3) 
0.00742 2.80 (0.83) 
0.01160 2.71 (0.55) 
0.01466 2.67 (0.41) 
0.01494 2.72 (0.42) 


0.01648 
0.01963 
0.0219 
0.0220 
0.0254 
0.0303 
0.0326 


71 (0.38) 
69 (0.32) 
71 (0.29) 
66 (0.29) 
64 (0.25) 
80 (0.20) 
66 (0.20) 
* Figures in parentheses indicate per cent solvent 
correction. 


Conductance measurements.—The balance point 
was made to be in the central region of the slide 
wire whenever possible, and each recorded value 
was averaged from at least three settings of the 
bridge. Those individual readings varied less than 
0.1 per cent from each other. Both earphones and 
an oscilloscope were used as null indicators. 

RESULTS 

Table I gives the results obtained; Fig. 1 is the 

graphical representation. Molal conductances were 


‘calculated from the formula 


A molal = (Keoprectea) (1000/m) 


6 This is the average of three values—due to Kohlraush, 
Parker, and Jones—which are listed by Harned and 
Owen (10). 
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where [vorrectea IS the specific conductance of the 
solution less that of the solvent, and m is the mo- 
lality. There is precedence for this mode of expres- 
sion for salts of higher valence in solvents in which 
the type of ionization is not precisely known. Ja- 
cober and Kraus (5) used molar conductance for 
aluminum bromide in nitrobenzene; Van Dyke and 
Kraus (11), molal conductance for aluminum bro- 
mide in nitrobenzene; and Van Dyke (12), molal 
conductance for gallium trichloride and tribromide 
in nitrobenzene. The formula already given for the 
densities of our solutions might be used to convert 
our data to a molar basis, but the molal values are 
the more accurate because they do not depend upon 
the fairly rough density data. Most of the points 
were obtained in the relatively concentrated region. 
The uncertainities in the values for the more dilute 
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Fic. 1. Eleetrical conductance of in 
acetophenone at 25°C, 


solutions are much greater than those for the con- 
centrated solutions because of the dilution proce- 
dures employed and the proportionally larger solvent 
corrections. 
DiscussION 

The shape of the curve for conductance vs. mo- 
lality in Fig. 1 for this salt hydrate in an organic 
solvent is fundamentally different from those usu- 
ally found for anhydrous salts in organic solvents. 
The measurements on anhydrous systems which may 
best be compared to the present data appear to be 
those of Van Rysselberghe and co-workers (13, 14) 
for the conductance of anhydrous magnesium per- 
chlorate in acetone, n-propyl alcohol, and isopropyl] 
alcohol, and those of Morgan and Lammert (3) for 
alkali halides in acetophenone (all at 25°C). These 
anhydrous systems show a smooth and continuous 
rise in conductance as the solution is diluted. The 
most striking aspect of the present cobalt(II) nitrate 
hexahydrate data is the constancy of the molal 
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conductance (within five per cent) between molali- 
ties of 0.03 and 0.001. This may be contrasted with 
the great increases in the molar conductance of 
anhydrous magnesium perchlorate and alkali halides 
as the system is diluted from 0.03 to 0.001 molar. 
These increases for magnesium perchlorate are about 
300 per cent in acetone and n-propyl alcohol, and 
400 per cent in isopropyl alcohol. Upon the same 
dilution, the conductance of sodium iodide in aceto- 
phenone rises about 200 per cent, and that of lithium 
bromide in acetophenone increases about 400 per 
cent. An investigation of organic solutions of a hy- 
drate of magnesium perchlorate would be of value 
in extending this analysis. 

The present data are strikingly different in the 
concentrated range from the data of Strong and 
Kraus (15) for several quartenary ammonium halides 
and thiocyanates in benzene. After exhibiting a min- 
imum at a very low concentration, in all cases their 
equivalent conductances increased with increasing 
concentration. In the general concentration range in 


TABLE IL. Limiting conductance of nitrate ion in various 
solvents at 25°C 


Solvent ( mbes) ) ) 
Acetone 120.1 0.366 0.0179 
Nitrobenzene 22.6 0.410 0.0119 
Pyridine §2.6 0.465 0.0386 


*» and D values are taken from papers of Kraus and co- 
workers. 


which Fig. 1 has its plateau, their equivalent con- 
ductances were increasing aboul as rapidly as the 
concentration itself. At very high concentrations, 
moreover, some of their systems had a maximum 
equivalent conductance. 

In the present case there are not sufficient points 
on the dilute branch of the curve to permit determina- 
tion of Ay by any of the usual methods, although we 
have diluted our systems as far as our experimental 
procedure would permit’. Accordingly it is necessary 
to estimate the limiting conductance, in order to 
ascertain the general extent of ionic dissociation in 
concentrated acetophenone solutions of cobalt (11) ni- 
trate hexahydrate. This is attempted in three ways. 

1. Such a comparison may be based on either 
or = constant (Walden’s Rule), or 
n:-Ao/D = constant(13), where 7 is the viscosity and 
D is the dielectric constant of the solvent. Neither 
of these relations is much better than a rough approx- 
imation, but the comparison§{may be improved by 

7 Other measurements which we have made indicate that 
the molal conductance of cobalt (II) nitrate hexahydrate 
in acetophenone is above 8.0 at 1-107° molal, but they are 
not reported in Table I because the solvent corrections 
were around 30 per cent. 
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the proper selection of reference data. Aoy,.- has 
been determined by Kraus and co-workers for ace- 
tone (7), nitrobenzene (8), and pyridine (6). Table 
II shows the - and 9-Aoy,,-/D products for 
these cases. In three quite different solvents 9-Aoy ¢, 
is much more constant that 9-Aoy,,-/D. Using the 
average value of 0.42 for 1 oxo, - and 0.0167 poise 
for the viscosity of acetophenone, we obtain an esti- 
mate Of Noy, - = 25 in acetophenone. This implies 
that the limiting molar conductance of cobalt(II) 
nitrate in acetophenone is greater than 50. 

2. We may take Franke’s (16) value of 116.5 for 
Ao _in water (or a molar conductance of 233), 


and multiply it by the viscosity ratio to get a Wal- 


1/2Co(NO3) 


den Rule estimate of 125 for the molar conductance 
of cobalt(I1) nitrate in acetophenone. Now, Van 
Rysselberghe and Fristom (13) give 128.5 and 185.5 
for the actual equivalent limiting conductances of 
magnesium perchlorate in water and acetone, re- 
spectively. A Walden Rule estimate based on the 
value for water yields 378 for the equivalent limiting 
conductance of magnesium perchlorate in acetone, 
which is just about twice the actual value. This in- 
dicates that it is reasonable to expect that the anal- 
ogous Walden estimate for cobalt(II) nitrate in ace- 
tophenone is about twice too large; hence 62 should 
be another estimate for the molar conductance of 
cobalt(II) nitrate in acetophenone. 

3. Morgan and Lammert (3) determined the lim- 
iting equivalent conductances of sodium iodide, 
potassium iodide, and lithium chloride in acetophe- 
none; Harned and Owen (10) list limiting conduct- 
ances of the same salts in water. Taking the ratios 
of the acetophenone values to the water values, we 
get 0.302, 0.249, and 0.347, respectively, which aver- 
age to 0.299. Again, employing Franke’s value for 
the limiting conductance of cobalt(II) nitrate in 
water we obtain 233 -0.299, or 70, as a third estimate 
of the limiting molal conductance of cobalt(II) ni- 
trate in acetophenone. 

Since molalities and molarities differ by only about 
two per cent in our acetophenone solutions, we may 
take 60 as a reasonable value for the limiting molal 
conductance of cobalt(I{) nitrate in acetophenone, 
derived from three separate estimates. Falling back 
on the use of (100A/Ao) as an approximate estimate 
of the percentage of ionic dissociation, we get five 
per cent as an upper limit” for the“dissociation of 
cobalt(II) nitrate hexahydrate in acetophenone in 
the concentrated range (0.001 to 0.03 molal). Thus 
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the present measurements are in general agreement 
with our previous view that metallic nitrates are 
extracted into oxygen-containing organic solvents in 
an essentially undissociated state (at all appreciable 
concentrations). 

It is recognized that the above analysis consid- 
dered the limiting conductances of cobalt (IL) nitrate 
and cobalt(II) nitrate hexahydrate in acetophenone 
to be the same; this has not been shown experimen- 
tally. Any moderate difference between the two 
would not destroy our argument, which is funda- 
mentally of an “order-of-magnitude”’ character. 
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Electrodeposition Behavior of Traces of Silver' 


Il. Effects of Electrode History and the Presence of Other Ions 
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ABSTRACT 


The behavior of amounts of silver deposited in less than a monolayer on an inert 
electrode has been determined in the presence of several ions. Relatively large amounts 
of copper(II), palladium(II), and platinum(IV) were without effect, but changes in 
the concentration of hydrogen ion produced a significant effect. The importance of elec- 
trode history was demonstrated in an interlaboratory comparison, and means of min- 
imizing the resulting differences were examined. 


INTRODUCTION 


In studies involving fractional monolayers of a de- 
posited element, the electrode material, even if 
“inert” in the usual sense, is known to have a marked 
effect on the ease of deposition. In view of the fact 
that few attempts have been made to reproduce the 
results of others, it seemed desirable to determine 
how well results obtained in different laboratories 


would agree in carrying out identical procedures. 


Once the limits of reproducibility were established, 
greater confidence could be placed in studies of sus- 
pected variables such as the effect of pretreatment 
of the electrode and the presence of other depositable 
elements. Deposition of the latter might affect the 
characteristics of the surface and hence the deposi- 
tion behavior of the trace element. Finally, the effect 
of changes in the acidity of the solution was 
examined. 

Silver was selected for this study largely because 
of its convenient radiochemical characteristics and 
because one of the authors (J. C. G.) already had ex- 
tensive experience in working with traces of this ele- 
ment whereas another author (J. T. B.) had none. 


EXPERIMENTAL DETAILS 


Reagents and Solutions 


Throughout this study reagent grade chemicals 
and distilled water were employed. To eliminate the 
effect of trace elements, present as impurities, that 
might be codeposited, all reagents were dissolved 
and the resulting solution pre-electrolyzed using a 
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mercury cathode and an “external’’ anode before 
adding the silver or other metal cations tested for 
interferences. Stock solutions were stored in wax- 
coated bottles to minimize losses due to adsorption 
onto the walls of the vessels. 

Radioactive silver (Ag"') was usually prepared by 
neutron irradiation of palladium in the Oak Ridge 
reactor followed by three successive electrolytic sepa- 
rations of the silver from palladium using a cyanide 
solution (1). For a few experiments, palladium was 
bombarded in the M.I.T. cyclotron after being plated 
(2) onto a water-cooled copper target. The palladium 
could be removed from the target together with a 
minimum amount of copper (and its silver impurity ) 
by dipping the target alternately into a 1:1 mixture 
of concentrated sulfuric and nitric acids and cold 
water. After the palladium dissolved from the target, 
the silver was isolated by electrolysis in the usual 
way. 


Reagents were pre-electrolyzed using the potenti- 
ostat described by Lamphere (3) which could supply 
large cathode-anode voltages. However, in the dep- 
osition studies smaller voltages and closer regulation 
(+3 mv) were required, so Lamphere’s earlier model 
was employed (4). Both instruments are designed to 
operate with a 3-electrode system allowing continu- 
ous balance of the cathode potential against a refer- 
ence cell. 

Electrolyses were carried out in open beakers pro- 
tected to some extent from contamination by atmos- 
pheric dust by means of a crude cover of polystyrene 
fabric. Both the saturated calomel electrode (S.C. 
E.), used as the reference cell, and the platinum 
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anode were connected to the electrolytic cell through 
appropriate salt bridges. The platinum cathode con- 
sisted of a foil, crucible, or gauze in these deposition 
studies. The mercury cathode used for pre-electrol- 
ysis of the solution took the form of a modified 
Melaven-type cell which allowed most of the aqueous 
solution to be drained from the cell without inter- 
rupting the electrolysis. All glass surfaces which 
otherwise would have contacted a solution were 
coated with ceresine wax, as reported in a previous 
study (5), to avoid contamination and or adsorption 
by these surfaces. 

Radioactivity was counted by evaporation of a 
liquid sample on a watch glass followed by deter- 
mination of the activity with an end-window Geiger 
counter. Duplicate samples were counted for each 
experimental point. The average range of the dupli- 
cates was less than 5 per cent of the total count. All 
samples were counted for at least 2000 counts and 
usually for 5000 counts. 

All measurements of pH were obtained using a 
carefully calibrated Beckman Model G pH Meter. 

Procedure 

Great care was exercised in making certain that 
the electrodes were cleaned exactly the same way 
before each run. The method used was a simple one 
that had been found from experience to be satis- 
factory for removing small traces of radiosilver from 
the electrodes. The procedure consisted of making 
the platinum electrode anodic in a solution contain- 
ing 1.0.7 sodium cvanide. After a half-minute elec- 
trolysis at 5-10 amp, the electrode was removed, 
washed several times with distilled water, and then 
made a cathode in 0.1.7 perchloric acid for about five 
sec at 5-10 amp. Cyanide treatment usually removed 
all detectable amounts of radioactive silver from the 
platinum surface. 

Electrolysis was carried out using a freshly-cleaned 
electrode and a solution containing a “trace”? amount 
of silver estimated to be 10°17 or less. Electrolysis 
at a controlled potential was usually carried out near 
a potential of +1.0 v (vs. S. C. E.) for about 30 
min or until the value for the deposition became 
constant. The potential was then changed to a more 
negative value and a second electrolysis performed 
in the same way. Electrolyses were repeated at pro- 
gressively more negative potentials until essentially 
all of the radioactivity was deposited. The electrodes 
were then placed in a solution of sodium cyanide, 
and cleaned in the usual way. 


RESULTS 
Interlaboratory Reproducibility 


In testing the reproducibility, the method for 
cleaning the electrodes was standardized very care- 


fully in the manner described above. The next step 
was to make certain that the solutions employed 
were as nearly identical as possible. It was not feasi- 
ble to send large portions of stock solutions from one 
laboratory to another, but it was feasible to send a 
concentrated stock solution of the radioactive tracer 
which could then be diluted with pre-electrolyzed 
electrolyte. As the results will show, no major differ- 
ences were introduced by this variation. 

In view of the fact that a large number of platinum 
electrodes were available from earlier studies at Oak 
Ridge and because variations of these electrodes had 
already been examined (5), the first step consisted 
of testing the reproducibility of data obtained on two 
portions of the same stock solution using electrodes 
selected at random from the original group. The re- 
sults were gratifying, and it can be stated quite 
simply that all of the curves fell within the usual 
limit of reproducibility (+27 my) that had been 
determined previously (5). 

Experiments described above indicate definitely 
that it is possible for persons working in widely sepa- 
rated laboratories to reproduce their results in work- 
ing with trace amounts of silver and platinum 
electrodes. It should be stated, however, that a time- 
lag of about two months was required by the inex- 
perienced worker before self-consistent results could 
be obtained from one run to the next. This experience 
has been found to be typical. 

The chief source of difficulty for the inexperienced 
worker appears to be in finding methods for exclud- 
ing accidental contamination from atmospheric dust 
plus acquiring experience in working carefully with 
the extreme precautions required to avoid con- 
tamination from glassware. In view of the fact that 
the amounts of silver in any given sample were 
usually less than a hundredth of a microgram, it is 
obvious that air-borne contamination can be a serious 
source of difficulty. Rodden (6) has reported that the 
presence of cadmium-plated apparatus in a labora- 
tory is sufficient to make impossible the determina- 
tion of microgram amounts of cadmium in samples. 
Metz (7) has reported that it is necessary to avoid 
studiously the presence of macro amounts of an 
element in a laboratory in which microgram amounts 
of that same element are being determined. Fre- 
quent dusting of tables and reagent shelves together 
with polishing, preferably waxing, of floors is neces- 
sary to minimize difficulties of this type. Hollings- 
worth (8) has found that air-borne dust contributes 
significant variations to analyses of silica in steel 
when the amounts to be determined are of the order 
of a few milligrams. Thus, it is not unusual to antici 
pate an induction period before an inexperienced 
worker can obtain reproducible or dependable results. 
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of Electrode History 

Electrode history is widely recognized as a factor 
contributing to variations in potentiometric measure- 

vents and its effect can take many forms. For ex- 
ple, one set of platinum foils of the same planar 
area, but from different sources, gave deposition 
curves differing by nearly 150:mv; another set, 50 
my. It has been noted previously (5) that slight 
differences in the method of cleaning will produce 
noticeably different behavior, but both of these foils 
were presumably cleaned in exactly the same way by 
anodizing in cyanide followed by cathodizing in 
perchloric acid. 

In Fig. 1 one can see the effect of changing from 
a crucible or a gauze to a foil in cyanide solution. 
Although some of this effect was presumably due to 
differences in the areas, such differences were usually 
smaller, on the basis of planar area, than those ob- 
tained in these experiments. Furthermore, the 
gradual slope of the curve obtained for the crucible 
indicates that the activity of the surface is less 
uniform (9). It is possible that differences in the 
physical treatment in preparing a crucible and a foil 
electrode were responsible. 

A recent paper (10) has cited a shift toward less 
noble potentials upon igniting an indicator electrode. 
Such a shift, of nearly 100 my, was also observed 
upon ignition of two clean platinum electrodes. It 
was interesting to find that the usual cleaning in 
eyanide shifted the curve partially back to its original 
behavior and, following a second cleaning, the 
original behavior was completely restored. Un- 
doubtedly, the speed or the ease with which the 
original behavior is regained depends not only upon 
the conditions of ignition but also upon the vigor of 
the cleaning process following the ignition. It seems 
conceivable that a less drastic treatment than anodic 
polarization in cyanide might require a much greater 
number of treatments before pre-ignition behavior 
was regained. 

The deposition curve obtained with platinum fresh 
from the supplier agreed with curves obtained with 
platinum that had been used many times. However, 
the ease with which the silver could be stripped from 
some platinum electrodes increased with the age and 
the number of times the electrode had been used. 
This may be due-to a diminution in the number of 
moderately inaccessible cracks and crevices in the 
surface or to saturation of such cracks and crevices 
with nonradioactive silver. On at least two different 
occasions a new gauze electrode used with a trace 
solution of silver having very high specifie activity 
retained small traces of the radiosilver very tena- 
ciously. fact, the radioactivity could not be re- 
moved completely even by very drastie anodizing 
treatment with cyanide. Similarly, one set of gold 
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electrodes, upon continued use, not only became 
more and more erratic in behavior but continued to 
retain the activity tenaciously. 


Source of the Radioactive Silver 
In all of the experiments that have been described 
so far, silver was produced by neutron irradiation of 
the palladium in the Oak Ridge reactor. As a matter 
of convenience, an attempt was made to plate puri- 
fied palladium onto a copper target for bombardment 
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Cathode Potential (vs SCE) 

Fic. 1. Effect of the history of the platinum electrode 
on the behavior of silver in 0.101 NaCN plus 1.0.1 NaOH, 
O—average of three curves for one crucible (55 em?) and 
two curves for a gauze (140 em?) in 75 ml, O @—two dif- 
ferent foils (5 em?) in 10 ml. 


in the M.I.T. evelotron. Although the characteristic 
shift of the “trace” curve toward more noble po- 
tentials than those predicted from the abridged 
Nernst equation was always observed, the shift was 
variable from batch to batch and was often less 
noble than that observed with the pile-irradiated 
material. It seemed likely that the deviation and the 
variation were due to the same source of error and 
that this error might be due either to the presence 
of copper dissolved from the cyclotron target during 
the process of stripping palladium from it or to small 
amounts of silver present as an impurity in the 
copper. For that reason, the effect of the presence of 
cupric ion on the deposition behavior of pile-pro- 
duced silver was determined. It also seemed advisable 
to test the effects caused by the presence of palla- 
dium and platinum. The former would be present if 
incompletely removed by the separation, the latter 
if dissolved from the platinum electrode in making 
up the stock solutions by stripping the silver into 
perchloric acid, 
Effect of Other Cations 

Copper (I1).--A stock solution of 0.10.7 cupric 
perchlorate was prepared by dissolving cupric oxide 
in perchloric acid. A trace amount of silver was 
added to this solution and a deposition curve ob- 
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tained. The curve was 500 mv more negative than 
usual. With that particular electrode the inflection 
point of the deposition curve ordinarily oceurred 
at +0.65 v (vs. 3.C.E.). Since it seemed possible 
that this shift might have been due to the presence 
of silver impurity in the original sample of copper—or 
perchloric acid—the solution was electrolyzed at 
+0.12 v (vs. 8.C.E.), a potential sufficient to remove 
silver but insufficient to remove macro amounts of 
copper. It was then possible to add more radiosilver 
to this electrolyzed solution and to obtain a deposi- 
tion curve which corresponded almost exactly to that 
obtained for trace silver with no copper present. It 
appears highly probable, therefore, that the differ- 
ences in the deposition curves obtained for silver from 


TABLE IL. Effeet of hydrogen ion concentration on the Es0%* 


for a trace of silver 


Solution Conditions Esez* Dep. | * Strip 
O.10.M (a +0.66 +0.88 
(b +0.94 | +0.94 
0.10M HNO, (a +0.67 | +0.86 
(b +0.94 +0.94 
0.10M (a 40.63 | +0.88 
(b | +0.93 +0.93 
O.10M NaClo, (c) +0.60 


10M HCO, 


O.10M (pH 4.0) (c) +0.48 +0.68 


* Ese; isthe potential at which half of the initial amount 
of silver is deposited (5). 

(a) 31 em? platinum crucible and 25 ml of solution. 

(b) 85 em? gold crucible and 75 ml of solution. 

(ce) 5 em? platinum foil and 25 ml of solution. 


a cyclotron bombardment compared to those for 
silver from a pile bombardment was due to the 
presence of inactive silver extracted from the copper 
target. 

Palladium (IT).—A solution of palladium sulfate 
was prepared by dissolving palladium metal in a 1:1 
mixture of sulfuric and nitric acids and evaporating 
the excess nitric acid. Palladium up to 10-2 had 
no effect on the deposition curves of silver. It was 
interesting to note, however, that the stripping curve 
had a noticeably greater hysteresis after deposition 
had been carried out in 10-2. palladium. It ap- 
peared, therefore, that the silver was deposited 
simultaneously with, or before, the palladium so that 
the silver was covered with a “protective coating” 
which prevented dissolution of silver until potentials 


were reached at which palladium could dissolve at 
an appreciable rate. 
Platinum (1V).—-A solution of chloroplatinice acid 
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was prepared by dissolving the hydrated acid jp 
water. The presence of the chloroplatinie acid jy 
trace silver solutions had no effect on the deposition 
curve until a concentration of 0.0L. was reached. 
In this solution the silver deposition curve was 
shifted about 40 mv in a negative direction. This 
shift may have been due to the precipitation of silver 
chloroplatinate or silver chloride. 

From the above experiment it is not possible to 
predict the effect of platinum (IV) ions in perchloric 
acid solutions. However, several deposition curves 
were obtained after first setting the electrode poten- 
tial at values ranging from +1.2 v to +1.8 vy (ys, 
8.C.E.) for 30 min. If platinum dissolved from the 
electrode, varying amounts should go into solution 
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Fic. 2. Effect of hydrogen ion concentration on the dep- 
osition of silver from 160 ml HCIO, onto 39 em? gauze elee- 
trodes. O @—1.25M A A—0.13M Ht, O 
Ht, ——— —Gauze No. 1, - ---—Gauze No. 2. 


at these different potentials. Then, if the platinum 
had an effect on the deposition curve, curves obtained 
after this treatment should have different positions. 
Actually, no differences were observed and so it was 
concluded that platinum dissolved from the electrode 
during the preparation of the solution did not affect 
the deposition behavior. 

Hydrogen ion.—¥Farlier work (5) had shown that 
the deposition curve of trace silver in 0.1.47 potassium 
nitrate at pH 4.0 is characterized by an Eso, value 
of +0.48 v, while the characteristic Eso%, (for the 
same electrode) of a solution 0.10. in sodium per- 
chlorate and 1.0M in perchloric acid was +0.60 v. 
By obtaining deposition curves in different acid solu- 
tions, it has been established that the above differ- 
ence is due entirely to the difference in hydrogen ion 
concentration. From Table I one can see that the 
values for Es; for the deposition and stripping 
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curves, on either platinum or gold electrodes, are 
not affected by changing the anion (perchlorate, 
nitrate, and sulfate). This suggests that the different 
values given under conditions (¢c) are due to changes 
in pH. 

Experiments were run, therefore, using different 
concentrations of perchloric. acid? in an effort to 
investigate further the effect of pH on the deposition 
curve. 

The results in Fig. 2 indicate quite definitely that 
an increase in the concentration of hydrogen ion 
shifts the deposition curve for trace amounts of 
silver toward more noble behavior. In each case ¢ 
hundredfold increase in hydrogen ion concentration 
shifts the deposition curve about 80 my in a more 
positive direction. If the shift had been caused by the 
changes in ionic strength, it would have been in the 
opposite direction. 

A higher concentration of hydrogen ion increases 
the ease with which hydrogen can be discharged and 
simultaneously the ease of reducing molecular oxygen 
or an oxide coating on the electrode surface. At the 
same time, a shift in pH also affects the evolution of 
oxygen, and at the electrode potentials utilized in 
this work, it seems most likely that this is the im- 
portant factor. These results suggest that the differ- 

2 Studies of the removal of silver by deposition into a 
mercury cathode at rather negative potentials (—1.0 vs. 
the 8.C.I..) showed that removal was incomplete (less than 
70% removed) from solutions of 5M perchloric acid even 
when the potential was presumably adequate to remove 
essentially all of it. As a result, in preparing the perchloric 
acid solutions it was necessary to remove the silver by 
diluting the acid first. The completeness of removal was 
checked using radioactive tracer added prior to electrolysis. 
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ences in the magnitude of the “anti-Nernst” dis- 
placements found for trace waves in studies involving 
the ammonia and cyanide complexes (5) are due in 
part to the pH effect. 
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Electrod position Behavior of Traces of Silver' 


I. Transition Region Between “Trace” and “Macro” Behavior 
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ABSTRACT 


Previous york has shown a sharp discontinuity between the behavior of the silver 


. 


deposited on-platinum in ‘‘trace’’ and in ‘‘macro 


” 


amounts. By starting with a solution 


containing a<‘trace”’ of silver and making stepwise additions of known amounts of silver 


followed each time by a deposition curve, the behavior of intermediate amounts was 


elucidated. .. series of curves was obtained for platinum, palladium, and gold elee- 


trodes in vartous media. These curves were not simple S-shaped curves, but instead had 


one or more -plateaus in regions of potential more noble than the potential at which 


complete deposition was obtained. 


Studies were carried out simultaneously by Coche 
and Haissinsky (1) working with polonium and 
Rogers, ef al. (2), working with silver which showed 
that at very low concentration, deposition behavior 
no longer followed the Nernst equation as usually 
applied but instead took place at a much more noble 
potential than expected. Although the latter group 
made a preliminary study of intermediate concen- 
trations of silver, the differences employed were so 
large that no definite conclusion could be stated. For 
that reason, a detailed study of silver deposition was 
undertaken using platinum, gold, and palladium elec- 
trodes, being careful to use smaller increments of 
silver. The effect obtained by varying the silver 
concentration was compared with that obtained by 
varying the electrode area. 


EXPERIMENTAL 
Procedure 

A stock solution of radioactive silver (Ag!) dis- 
solved in 0.10.7 perchloric acid was prepared by 
electrolytic separation from palladium which had 
been irradiated with neutrons in the Oak Ridge pile 
(3). The techniques for obtaining a deposition curve 
and for counting the samples were the same as those 
described earlier (4). 

Because experience had shown that slight changes 
in the cleaning procedure caused variations in the 
deposition behavior, care was taken to clean them 
exactly the same way each time. The platinum and 
palladium electrodes were polarized anodically in 

' Manuscript received June 11, 1951. This paper prepared 
for delivery before the Washington Meeting, April 8 to 12, 
1951. 
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1.0.M sodium cyanide using a preselected amperage 
between 5 and 10 amp. The electrodes were then re- 
moved from the bath, washed for at least 2 min in a 
stream of cold distilled water, and made cathodic in 
0.1. perchloric acid for 5 sec at 5 amp. For the gold 
electrodes, a solution saturated with sodium car- 
bonate and about 1.0.7 in sodium hydroxide was 
substituted for the cyanide. The electrodes were 
then boiled in concentrated nitric acid followed by 
washing in distilled water. 

A series of curves for a particular solution and a 
particular electrode was obtained as follows: Silver 
tracer in 0.10.7 perchloric acid was added to a pre- 
viously electrolyzed solution of the desired electrolyte 
to give about 500 counts min ml and a silver con- 
centration of less than 10-817. A deposition curve 
was then obtained by electrolysis at a particular po- 
tential for 30 to 60 min, a period sufficient to reach a 
constant value for the per cent plated as determined 
by a dip-counter. The amount deposited was then 
checked by withdrawing and counting a 50-100 ul 
sample. The potential was then changed to a more 
negative value and the electrolysis repeated. After 
95 per cent or more of the silver had been deposited, 
the silver was stripped from the electrode at a po- 
tential of +1.0 v (vs. 8.C.E.), the radioactivity 
checked, and a known amount of nonradioactive 
silver added in the form of 50-100 ul of 10-417 (or 
greater) silver perchlorate to double or triple the 
amount of silver in the sample. The entire procedure 
was repeated until a group of curves had been ob- 
tained, over a range of about 10-* to 10~4// silver. 
Distilled water was added when necessary to com- 
pensate for evaporation losses. 

On occasion, after complete deposition had been 
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realized, stripping curves were obtained by pro- 
ceeding stepwise toward more positive potentials. 
Deposition Onto Platinum 

A typical family of curves is given in Fig. 1 for 
the deposition of silver from 160 ml of 0.10.17 per- 
chloric acid onto a platinum gauze electrode having 
a planar area of 39 em*. Ordinarily, the curve for a 
particular electrode in a given solution could be 
reproduced rather well. Although the agreement be- 
tween two different electrodes was not quite so satis- 
factory, the values fell within the limits of about 
+25 mv from a smooth curve as reported earlier (2). 

The important characteristics to note about this 
family of curves is that the initial curve, which 
agreed well with data reported previously, shifted 
toward a less noble potential as the concentration of 
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Fic. 1. Effect of initial concentration of silver on its 
deposition behavior onto a 39 em? platinum gauze (No. ID) 
from 160 ml of O0.10M HCIOy. O—trace, A—2.3 X trace, 
o—4.0-10-7M, X —1.2-10°°M, @—3.6-10-*M, &—1.0-10~5 
M, +—3.0-10°M, 


silver was increased, a shift in the opposite direction 
to that expected from the Nernst equation for macro 
quantities. At still higher concentrations a plateau 
was formed at a definite percentage close to forma- 
tion of a complete layer of deposit. Further increase 
in the amount of silver usually resulted in lowering 
the plateau, an effect that one would expect if a 
surface were saturated. Sometimes a plateau for a 
more concentrated solution was higher than expected 
and, in one or two cases (see Fig. 7), higher than the 
plateau for the less concentrated solution. It was 
found that this variation could be eliminated almost 
entirely by withdrawing the electrode from the solu- 
tion between runs and cleaning it carefully in the 
usual way. Apparently, this treatment gave a more 
reproducible surface than if the electrode had been 
allowed to remain in the solution. Under the condi- 
tions of the experiment shown in Fig. 1, an electrode 
having a planar area of 39 em*® would require? a 


* Assuming an atomic radius for silver of 1.5. A. 
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1.8-10°°M solution of silver to form an ideal mono- 
layer of deposit. From the data it appears that the 
sites on the surface are saturated close to this ideal 
value. 

To study this phenomenon further, an experiment 
was carried out in which the initial concentration of 
silver was held constant while the electrode area was 
varied. Deposition curves for a 39 cm? platinum 
gauze electrode and a 13 cm? foil are compared in 
Fig. 2. Curves 1 and 2 were obtained at constant silver 
concentration while curve 3 was obtained using rea- 
gents that were not pre-electrolyzed. The same elec- 
trode was used for curves 2 and 3. From these results, 
one can conclude that the use of reagents which 
were not pre-electrolyzed introduced some additional 


100 


Percent Silver Deposited 


fe) 
+100 +080 +060 +040 +020 +O 
Cathode Potential(vs S.C.E.) 


Fic. 2. Effeet of varying the electrode area and of pre- 
electrolyzing the reagents on the deposition behavior of 
trace amounts of silver in 160 ml of 0.1017 HClO,. O—39 
em? platinum gauze electrode, A—13 em? platinum foil, 
O—same as A without pre-electrolyzing reagents. 


silver into the solution; and that the plateau oc- 
curring on curve 2 at 45 per cent deposited corre- 
sponds to a saturation of lattice sites—perhaps to the 
completion of a monolayer. 

Previous studies (2) had indicated that there was 
not a significant difference between curves for differ- 
ent concentrations ‘of silver forming less than a 
monolayer of deposit on a platinum electrode from 
cyanide solution. However, in the present investiga- 
tion, when deposition curves were obtained using a 
platinum gauze electrode with a planar area of 140 
em? and a 75 ml solution which was 0.10.7 in sodium 
cyanide and 1.0. in sodium hydroxide, the slope of 
the deposition curve was found to become progres- 
sively steeper as the silver concentration increased 
up to about 8.1-10-&17. Further increases in concen- 
tration resulted in shifts of the curve in a more noble 
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direction, as expected for macro concentrations. 
(Curve 2 is unexplainably displaced in a less noble 
direction.) Thus, for alkaline cyanide solutions, the 
difference between trace and macro deposition curves 
was primarily reflected in the slope. This is an indica- 
tion of the effect of a heterogeneous surface on the 
deposition behavior of a fractional monolayer (5). 
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Fic. 3. Effect of initial concentration of silver on its 
deposition behavior onto a 140 em? platinum gauze from 
75 ml of 0.10M NaOH-1.0M NaOH. O—trace, A—5.0- 
10°M, O—1.0-107°M, X—3.0-107°M, @®—9.0-107M, & 
2.7-10°°M, +—8.1-10°°M, @—2.4-10°°M, B—7.2-10-5M. 
A—trace-120 em? gauze electrode and 180 ml of solution. 
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Fic. 4. Effeet of initial concentration of silver on its 
deposition behavior onto an 85 em? gold electrode from 75 
ml of 0.10M HClO,y. O—average of six curves: 3 “‘trace’’ 
and 1 each of 5.0-10°°M, 1.0-10°7M, and 3.0-107M, A— 
9.0:107°M, @—7.2-10-* 
M, &—1.4-:10°M, +—2.9-10°M, @—58-10°M, B— 
1.2-10°M, O@—1.0-10 6M, 50 em? gold foils and 160 ml 
of solution. 


It is interesting to compare the curves of Fig. 3 
with those reported previously (2) for a smaller cell 
(5 em? electrode in 25 ml of solution). The latter were 
much steeper and appeared to be very similar in 
shape to the macro curves of Fig. 3. This is not diffi- 
cult to understand when one considers that the 
volume ratio between the two experiments was 1:3 
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while the planar electrode area ratio was 1:28. If 
the electrode surfaces behaved in the same way, the 
experiments (except curve 10) described here would 
have saturation values nine times those of the curves 
obtained within the smaller cell. Apparently, when 
the surface is saturated the deposition behaves in a 
manner characteristic of macro quantities. This con- 
cept will be considered in a later paper. 
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Fic. 5. Deposition and stripping curves for 5.4-10-6M 
silver onto an 85 em? gold electrode from 75 ml of 0.10M 
HCIO,. O—deposition, A—stripping. 
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Fia. 6. [effect of initial concentration of silver on its 
deposition behavior onto a 29 em? palladium foil (No. ID 
from 160 ml of 0.10M HCIO,. O—trace, A—1.0-10-7M, 
O—2.0-:107M, X—4.0-107M, @—1.2-10-*M, &—3.6-10-5 
M, +—3.0-10-5M. 


Deposition Onto Gold 


An 85 em? crucible made by hammer-forging a gold 
foil was used for these experiments. The deposition 
curves were obtained in the same manner as were 
those for platinum except that the gold crucible was 
not cleaned after each curve. The resulting curves 
plotted in Fig. 4 were interesting in that they con- 
tained more than one plateau. In addition, they 
proved to be easily, and apparently reversibly, 
stripped as shown in Fig. 5. Curves 3 and 4 in Fig. 4 
were repeated to give an indication of the repro- 
ducibility. 
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Since the crucible electrode had been shaped by 
hammer-forging at a high temperature, it seemed 
wise to test the deposition behavior on gold foils 
which had not been submitted to such vigorous 
physical pretreatment. Curve 5 on Fig. 4 was plotted 
using a 50 em? foil. The duplicate points represent a 
different foil, of the same area; cut from the same 
Jot. While the plateaus do not seem to be as clearly 
defined as those obtained with the crucible, they do 
follow the same general pattern. Interestingly 
enough, the behavior of these foils was somewhat 
erratic, and stripping was exceptionally difficult and 
usually incomplete. After the new foils had been 
subjected to deposition in a concentrated (10-617) 
solution of silver, the process of stripping became 
very difficult. The behavior of these gold foils, which 
proved difficult to strip upon use, is exactly the 


Percent Silvé? Deposited 


‘ L 
080-070-060 020-00  O 


050-040-030 
Cathode Potential (vs SC E) 

Fic. 7. Effect of initial concentration of silver on its 
deposition behavior onto a 29 em? palladium foil (No. I) 
from 160 ml of 0.1014 HClO, O—trace, A—1.0-10-7M, 
O—2.0-107M, K—4.0-107M, @—1.2-10°°M, ®—3.6-10-6 
M, +—3.0-10°°M, B—1.0-10"1M. 


opposite to that of platinum which usually became 
easier to strip completely the more often it was used. 
Although it is possible to postulate that a layer of 
silver probably covered the gold foils and exchanged 
with radioactive silver in the solution, there is no 
proof as yet to substantiate this idea. Similar experi- 
ments run at Oak Ridge in 1948 with a gold foil 
gave stripping curves showing little hysteresis just 
as the: crucible did in the present experiments. It 
appears, therefore, that the differences may be due 
to composition, the presence of trace impurities, or 
physical treatment of the gold foil. 


Deposition Onto Palladium 
The limiting curves for trace and macro deposition 
in perchloric acid solution are not as widely separated 
on palladium electrodes as on platinum and gold. As 
a result, it was of interest to determine whether or 
not a plateau could be detected by varying the initial 
silver concentration. As shown in Fig. 6, palladium 
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electrodes of 29 em? and 160 ml of 0.10.17 perchloric 
acid showed a definite tendency to form a plateau 
very similar to that observed for platinum. Fig. 7 
shows another family of curves obtained in a similar 
manner with a different palladium foil cut from the 
same lot. In this figure the plateaus of two pairs of 
curves (3 and 4, 5 and 6) did not fall as expected 
from the initial concentrations. 


DISCUSSION 


These studies show the similarity in behavior of 
three different inert electrode materials used for the 
deposition of fractional monolayers of silver. The 
fact that the trace curves shifted toward less noble 
potentials before a plateau appeared is an indica- 
tion that the lack of reproducibility found in com- 
paring the silver tracer prepared in a pile with that 
prepared in a cyclotron could probably be attributed 
to the presence of larger amounts of silver in the latter 
solution (3). In addition, the fact that the initial 
shift was followed by the appearance of one or more 
plateaus indicates that deposition occurred on sites 
of widely different energies. 

Irregularities found in the deposition of inter- 
mediate amounts support the idea that the hetero- 
geneity of the electrode surface was a determining 
factor. As a result, one can conclude that the selection 
of a potential for the deposition of a trace amount of 
an element is not a simple matter. Providing the 
amount is sufficiently small, there is a possibility of 
making a separation based upon the shift toward 
nobility of very small amounts on certain electrode 
materials. The fact that Haissinsky (4) has shown in 
studies with bismuth that the shift does not occur 
until extremely small concentrations are reached is 
evidence that one can use the concept of a mono- 
layer formation only as a crude limit at which to 
expect irregular behavior. Thus, if one were inter- 
ested in the analytical separation of very small 
amounts of material whose behavior is not known, an 
empirical approach would be necessary. One could 
possibly obtain quantitative removal of the trace 
element by using a potential sufficiently negative to 
deposit the element on the assumption that it obeyed 
the abridged Nernst equation in which the activity 
of the deposit is assumed to be constant and equal 
to unity. However, if an overvoltage were required, 
even this approach would not be adequate. 
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Critical Interpretation of Electrodeposition Studies 
Involving Traces of Elements’ 


Joun T. Byrne L. B. RoGers 


Department of Chemistry and Laboratory for Nuclear Science and Engineering, Massachusetts Institute of Technology, 
Cambridge, Massachusetts 


ABSTRACT 


In studies of the deposition of trace amounts of elements, most of the experimental 
results which have been termed abnormal are really a logical consequence of the as- 
sumption that the surface is heterogeneous, and that deposition tends to take place on 
the more active sites. The lattice sites need not be endowed with specific properties 
other than those resulting from surface structure. Defining the active centers by relat- 
ing their binding capacity to the work function of the electrode material is unnecessary 


and incorrect. 


INTRODUCTION 


As early as 1933, Haissinsky, from his studies (1) 
of the dissolution of polonium, pointed out that the 
nature of the ‘inert’? electrode and the state of its 
surface should be important factors in the dissolution 
or deposition of small amounts of elements. However, 
from then until 1946 the interpretation (2) of experi- 
mental data was not based upon this viewpoint be- 
cause the deposition behavior of traces of bismuth 
—and in some cases polonium—seemed to be inde- 
pendent of the electrode material. Since 1949, much 
evidence has accumulated to support Haissinsky’s 
original premise. One can cite examples from the 
studies on the deposition of polonium (3, 4), bismuth 
(5, 6), lead (5, 7), silver (8), and zine (9) from ex- 
tremely dilute solution. 

In his 1946 paper Haissinsky noted that if the 
deposition behavior were independent of the elec- 
trode material, as the results at that time indicated, 
one would be forced to accept a conclusion reached 
by Langmuir and Kingdon (10), from experiments on 
the adsorption of cesium onto a wolfram surface, 
that the work function of the electrode material 
equaled the energy of adsorption of an atom de- 
posited on the same material. In modifying this 
concept, Haissinsky suggested that a small number 
of lattice sites may have latent adsorption energies 
equal to the work function, while the rest have 
energies less than the work function. He then showed 
that the width of the deposition curve (in volts) 
corresponded to a reasonable value for the range of 
adsorption energies over a heterogeneous surface. 
According to this explanation, deposition of a given 
element would always begin at the same potential, 


‘Manuscript received June 11, 1951. This paper prepared 
for delivery before the Washington Meeting, April 8 to 12, 
1951. 
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regardless of the electrode used, but the subsequent 
progress of the deposition would be determined by 
the electrode material. However, as stated above, it 
has since been shown that the initial deposition be- 
havior of fractional monolayers is very sensitive to 
electrode material. 

In recent papers? Haissinsky has not revised his 
definition of the active centers but rather has re- 
ferred (5) to systems which exhibit undervoltage 
phenomena as “abnormal.” He attributes the under- 
voltage to “attractive action of some very rare 
spots, ‘active centres,’ of the surface.”’ 

Furthermore, if one uses Haissinsky’s energy cycle 
to interpret the experimental behavior, it must be 
noted that the absolute electrochemical potential 
which appears in the cycle is not the same as the 
relative potential which one measures experi- 
mentally. In going from one potential to the other, 
the work function will cancel out and thus one of 
the difficulties in Haissinsky’s treatment will be 
eliminated. 

The present paper shows that a large part of the 
electrode surface may contribute to the undervoltage 
phenomenon and that a more satisfactory picture of 
the deposition process is obtained by abandoning the 
concept of discrete active centers and considering 
instead the relationship between the energy of deposi- 
tion of the deposited element and its energy of sub- 
limation. Before considering these energy relation- 


2 In a paper (11) presented at the Washington Meeting 
of The Electrochemical Society, April 9, 1951, Haissinsky 
has revised some of the views referred to above and has 
offered some conclusions which the present authors have 
reached by a different approach. However, his explanation 
of the case in which the abridged Nernst equation holds at 
very low concentrations and his suggestion that a free 
energy of adsorption may be assigned, a priori, to a lattice 
site are still unacceptable. Both topies are discussed in a 
later section of this paper. 
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ships in detail, the quantitative thermodynamic ex- 
pressions which have been suggested to describe the 
deposition behavior of trace amounts of elements 
will be evaluated. 
QUANTITATIVE EXPRESSIONS 

Several attempts have been made to write expres- 
sions describing the amount of an element deposited 
as a function of the electrode potential. Herzfeld 
(12) first suggested that the dissolution pressure of 
the metal (thermodynamic activity of the deposited 
atoms) should not be constant but should vary with 
the fraction of the electrode surface covered. He 
wrote: 

_ RT 

nF Cox — Crea 


(I) 


in which P’ is in essence a ratio of the activity co- 
efficients of the deposited atom to the ions in the 
solution, C3, is the initial concentration of the ion, 
and C4 is the concentration corresponding to the 
number of ions that have been reduced when equi- 
librium is obtained. Rogers and co-workers (8) 
showed that this concept is valid under certain sets 
of conditions when the fraction of a platinum surface 
covered by silver is very small. However, Haissinsky 
(2) had already suggested that the factor P’ in 
Herzfeld’s equation need not necessarily be a con- 
stant but could conceivably vary with the amount 
deposited because it was a function of the adsorption 
energy of the deposited atoms. He also pointed out. 
that in order for Herzfeld’s equation to agree with 
the experimental curves which Joliot (13) obtained 
for the deposition of smal! amounts of polonium, the 
expression would have to be modified to account for 
the fact that n, the number of electrons transferred, 
would be decidedly less than any reasonable value 
when experimental results were used in the equation. 
By applying Audubert’s theory (14) relating the 
deposition potential to the energies of activation of 
discharge and ionization, Haissinsky wrote: 

RT rea 


= Fla + Cm (IT) 


where P’ = Ke 
K = a constant 
w’ = the activation energy of ionization 
w = the activation energy of discharge 
a+ 6 = energy transfer factors:a + B = b < 1. 
If P’ is variable, the assumption that 6 is less than 
unity is not necessary for the interpretation of 
Joliot’s results. Since this equation, by itself, does 
not describe much of the experimental data and 
because there is ample evidence (15) that equi- 
librium measurements can be made, an approach 
utilizing thermodynamic conditions was undertaken. 
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Obviously, care should be observed in applying ther. 
modynamics to systems for which appreciable 
hysteresis has been observed or to data obtained 
from kinetic measurements. 


Thermodynamics 


One may first set the chemical potential of the 
ions in solution, pox, equal to the electrochemical 
potential of the electrodeposited atom, prea + nFE, 
Then at equilibrium 


— Mra = NFE (IIT) 
and the chemical potentials may be written as 
Mox = pox + RT In (IV) 
and 
= rea — TSroa (V) 


where /7 and S refer to partial molar heat content 
and partial molar entropy, respectively, at constant 
temperature and pressure. 

In the differentiation the free energy has been 
defined as a function only of temperature, pressure, 
and the number of moles of deposit. A fourth vari- 
able, either the surface area or the surface concen- 
tration, leads to a “spreading pressure” term in the 
expression for the chemical potential of the adsorbed 
phase in Gibbs’ treatment of surface adsorption 
(16). The spreading pressure of deposited metal 
atoms is assumed to be zero in the treatment that 
follows. 

Substituting (IV) and (V) into (III), one obtains 


+ RT In — + = nFE. (V1) 


. . 
One can define the standard potential, E’, in the 
usual way 


Hox — Mrea = (VII) 


Then, replacing ui. in (VI) with (VID) and choosing 
Leet = 0, one obtains 
RT = 


nF — nF + nF 


The symbol /7,.4 denotes the partial molar heat 
content of the deposit with respect to /?,a, the 
partial molar heat content of the deposited element 
in its standard state. The latter quantity is assigned 
a value of zero as is the partial molar entropy of the 
standard state. The difference between /7,.a and 
IT’... is the difference between the sublimation energy 
of the element from a lattice of its own atoms and 
its desorption energy from a surface of unlike atoms. 

The symbol S,.4 denotes the partial molar entropy 
of the deposit with respect to the partial molar 
entropy of the deposited element in its standard 
state. It can be considered in two parts: a partial 


E= (VII) 
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molar configurational entropy and a partial molar 
nonconfigurational entropy related to the binding 
energy of the atoms in the deposit. The latter term 
would be expected to vary with the energy of ad- 
sorption as has been shown to be the case with gas 
adsorption on a heterogeneous surface (17). 

In the general case of a heterogeneous surface, 
the chemical potential of the deposit varies with the 
fraction of the surface covered in a manner deter- 
mined by the distribution of latent adsorption 
energies over the lattice sites of the surface. The 
problem now becomes similar to that met in gas 
adsorption and treated by a number of authors (17, 
18). If the distribution function is known, one can, 


Number of Lattice Sites with Lotent 
Adsorption Energy equal to Eq+ dEo 


Es 
Latent Adsorption Energy of Lattice Site (Eq) 


Fic. 1. Hypothetical distributions of the latent adsorp- 
tion energy of lattice sites. 


in principle, determine prea as a function of the 
number of atoms deposited. However, this is by no 
means an easy problem. A simpler approach is to 
use a new chemical potential, brea, Which does not 
include the partial molar configurational entropy 
(p.m.c. entropy) and is, therefore, only a function of 
the heat of adsorption. By evaluating uy‘. as a func- 
tion of the number of atoms deposited, one obtains 
the distribution of lattice energies over the surface. 
Each lattice site has a characteristic value of u*.4 
which is a measure of the strength of the bond that 
the site can offer to a deposited atom*. For each 
surface, then, there is a characteristic distribution of 
latent adsorption energies. From a given distribu- 
tion curve (see Fig. 1, curve a), one can obtain a plot 
of adsorption energy vs. the number of atoms de- 
posited (see Fig. -2, curve a). This was done by inte- 
grating the curves of Fig. 1 over the number of atoms 
deposited and rotating the axes through ninety de- 
grees. The general principle which holds under equi- 
librium conditions is that the free energy of the 


‘It is clear that Haissinsky’s suggestion (11) of assign- 
ing free energy of adsorption values to the lattice sites 
must he modified in the way shown to account for the fact 
that the entropy term depends on the randomness of the 
deposited atoms. 
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system must be a minimum. It follows from this that 
the deposition will take place in such a way that the 
activity of the deposit is also a minimum. In plotting 
Fig. 2, the assumption is made that at equilibrium 
the atoms will always have deposited on the sites 
which can offer the strongest bond. However, this 
assumption may not lead to the correct result since 
the effect of the p.m.c. entropy is not taken into 
account. By considering the form of the p.m.c. 
entropy in a special case, it is possible to get a general 
idea of the perturbations that might be caused in 
Fig. 2 if the complete chemical potential, ua, rather 
than the energy of adsorption, were plotted as 
ordinate. 


Adsorption Energy (Eo) 


Number of Atoms Deposited (m) 


Fic. 2. Hypothetical variation of the adsorption energy 
with the number of atoms deposited. 


The Configurational Entropy 


A particularly useful model is that in which the 
surface is homogeneous so that u*. is independent of 
the number of atoms deposited. It can be shown (19) 
that in this case 


M! 


S- => 
(M — m)!m! 


(IX) 
where S, = the molar configurational entropy of the 
deposit 
M the number of lattice sites available 
m = the number of atoms deposited. 
Then, using Stirling’s approximation and differ- 
entiating, one obtains 


m 


~* Rin M—m 


(X) 
where 8, is the p.m.c. entropy. Recalling that 

>= ved TS. T Sr ea (XT) 
equation (VIIT) may be written as 
RT OT, 2 


aox In (XIT) 


aches 
+ nF nF nF 


where x is the fraction of the surface covered. 
This treatment is not sufficient for the general 
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case where the surface is heterogeneous because both 
ua and S, depend on the distribution of latent 
adsorption energies and on the number of atoms 
deposited. However, even if the surface is hetero- 
geneous, When the fraction of the surface covered is 
very small, it is possible that the adsorption energy 
will be practically constant for all of the sites which 
are occupied. In this case, x is negligible compared 
to unity so equation (XII) may be applied in the 
form 


‘yr * 
R1 | Cox Cred = Mred 


E=E 
In 
OF ALN. 
where A, = the energetically homogeneous area of 


the electrode surface on which deposition is most 
probable, and the remaining symbols not already 
defined have the same meaning as in the analogous 
togers-Stehney (20) equation. The differences in 
notation employed in equation (XIII) present a 
clearer physical interpretation of the variables in- 
volved. From equation (IX) the molar configura- 
tional entropy is zero for m = 0, or m = M, and it 
goes through a maximum at m = 1/2. The p.m.c. 
entropy function is the derivative of this and so 
approaches a high positive value (2? In W/) at m = 0, 
has a zero value at m = 2, and approaches a high 
negative value (—R In M) atm = M. 

From the simplified model a guess may be made 
about the behavior of the p.m.c. entropy during 
deposition onto a heterogeneous surface. The exact 
shape of this entropy function will, of course, be de- 
pendent upon the distribution curve. However, it 
does not seem unreasonable to expect a transition 
from high positive to high negative p.m.c. entropy as 
the surface becomes covered. The term Ay in equa- 
tion (XIII), then, is that area corresponding to the 
number of sites which would have to be used in place 
of « to make equation (IX) valid at m = 0. One 
might then expect the curves of Fig. 2 to have 
greater deviations from tie integrated distribution 
curves at the beginning of deposition and at the com- 
pletion of a layer. 

DISCUSSION 
Deposition Curves 

The above discussion points out the type of pertur- 
bation that might be expected on a curve such as 
Fig. 2, curve a, which could be attributed to the 
p.m.c. entropy. The next point to consider is the 
effect of the magnitude of the difference between the 
deposition energy and the sublimation energy, a 
difference referred to hereafter as the excess adsorp- 
tion energy, /,. In Fig. | hypothetical distribution 
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curves are plotted at different positions relative to 
the sublimation energy F,. There is, of course, no 
reason to expect the actual distribution curves to be 
similar to those drawn, or even to be limited to q 
single maximum. The actual distribution curves will 
be very sensitive to the surface state of the electrode 
and should be strongly influenced by its history. 

For a distribution such as shown by curve a, one 
might deduce that any of the lattice sites of the 
electrode could offer a stronger bond to a depositing 
atom than could any of the already-deposited atoms, 
Consequently, if the deposit were in equilibrium with 
the solution, the deposited atoms would have se- 
lected those sites which offered the strongest bonds 
and would cover the surface with a monolayer before 
a second layer of deposit began. 

From Fig. 1 it is possible to obtain a curve showing 
the adsorption energy as a function of the number of 
atoms deposited as in Fig. 2. The ordinate of this 
figure gives the deposition energy (minus the p.m.e. 
entropy) in excess of that required for deposition to 
the standard state. In terms of the usual experi- 
mental deposition curve (per cent deposited vs. 
electrode potential), curve a of Fig. 2 would corre- 
spond to an undervoltage at very low initial 
concentrations and would not lead to the usual 
S-shaped curve. A plateau would be observed when a 
surface became saturated. The inflection point of 
curve @ in Fig. 2 corresponds to the plateau on a 
deposition curve and gives the number of atoms 
required to cover the electrode surface with a 
monolayer. 

Curve 6 in Fig. 1 illustrates a case where the latent 
energy of adsorption on most, but not all, of the 
electrode surface is greater than the energy of sub- 
limation. From the corresponding curve in Fig. 2, 
it can be seen that there would be no sharp break in 
going from the monolayer to multilayer state. In 
fact, the deposited atoms would compete with the 
inert surface during much of the deposition. Experi- 
mentally, this situation would lead to a deposition 
curve with undervoltage but without a definite 
plateau. 

Curve ¢ of Fig. 1 and 2 pictures a distribution for 
which only a few sites on the surface can offer a 
stronger bond to the depositing atoms than can the 
freshly-deposited atoms. At concentrations corre- 
sponding to less than 1 per cent of the theoretical 
monolayer concentration 7, deposition would take 
place on the unlike electrode surface. However, for 
larger concentrations the deposit would build up in 
multilayers on the first atoms deposited. Since most 
of the deposited atoms would be in the standard 


state, the behavior could then be described by an 
abridged form of the Nernst equation in which the 
activity of the deposit is assumed to be unity. Some 
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deviations from the abridged Nernst equation may 
be expected for the first few layers of deposit since 
the lattice may be distorted by the lattice of the 
electrode material or the deposit may contain co- 
deposited atoms such as those dissolved from the 
electrode material. 

A distribution of the type shown in curve d of Fig. 2 
would lead to a particularly interesting phenomenon. 
In this case, the energy of deposition on the unlike 
electrode would be less than upon a surface of like 
atoms. In order to initiate the deposition, an over- 
yoltage would be required. However, once the first 
few atoms were deposited, the deposition would 
proceed to equilibrium values described by the 
abridged Nernst equation. In obtaining curves of 
this type and, in some cases, those of type c, particu- 
lar care would have to be exercised to reach true 
equilibrium conditions. In practice this might be 
dificult to attain since one would, in effect, be work- 
ing With very small electrodes and deposition would 
be very slow. 

From Fig. 1 and 2 it is clear that the distribution 
functions illustrated by curve a will give behavior 
which is not described by the abridged Nernst equa- 
tion (for concentrations less than a monolayer) but 
which can only be described by equation (VIID), 
while functions such as d will be described completely 
by the abridged Nernst equation. Systems with dis- 
tribution functions such as ¢ will follow the abridged 
Nernst equation until a very low concentration (frac- 
tion of a monolayer) is reached while a system with 
a function such as 6 will require equation (VIIT) at 
concentrations corresponding, in the illustration 
cited, to less than 60 per cent of a monolayer. 

The fact that the deposition behavior of bismuth 
or lead on silver and gold can be described by the 
abridged Nernst equation even at very low concen- 
trations can be explained in either of two ways. One 
possibility is that most of the silver and gold surface 
behaves like bismuth or lead electrodes with a free 
energy approximately equal to the sublimation 
energy. This implies that the sublimation energies of 
these four metals are the same. In cases where the 
energies are not the same, the deposition probably 
follows a distribution function similar to curve ¢ of 
Fig. 1. There are apparently very few sites on the 
surface that can offer a stronger bond to the de- 
positing atoms than can the already-deposited atoms. 
Consequently, only a fraction of the deposition takes 
place directly on the surface of the inert electrode 
material and most of the deposit is in its standard 
State. 

On the other hand, systems such as polonium on 
gold and silver, lead on platinum, and silver on 
platinum, palladium, and gold appear to have dis- 
tribution functions more like curve a or b of Fig. 1. 
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These are all systems which do not conform to the 
abridged Nernst equation at concentrations below a 
monolayer. Therefore, most of the deposition takes 
place upon the unlike heterogeneous electrode sur- 
face and hence one would expect the behavior to be 
influenced by the electrode material and the state of 
the surface. The slopes of the deposition curves would 
then depend upon the distribution function and 
equation (VIII), as shown by the illustrations in an 
paper (15). 

At exceedingly low concentrations one might find 
that the position of the deposition curve would be 
independent of the initial concentration. In such a 


Platinum Electrode I | 
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Platinum Electrode I 


Excess Deposition Energy (in volts) 
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Number of Silver Atoms Deposited 
(expressed as concentration in 160 mi) 
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Fic. 3. Excess deposition energy vs. the number of atoms 
deposited on platinum electrodes. 


‘ase, it would appear that so few sites were occupied 
that all would have approximately the same energy 
of adsorption (ua). The data of Joliot (13), Haissin- 
sky (4), and Heal (21) on the deposition of polonium 
over the range to 10-"N exemplify this 
phenomenon. Equation (XIII) may be used to de- 
seribe such curves. 

Further evidence of the need for equation (VIII) 
is found in curves for the deposition of different 
amounts of silver on platinum, palladium, and gold 
electrodes. One can plot the difference between the 
actual deposition curves, which are assumed to follow 
equation (VIII), and the abridged Nernst equation 
as excess deposition energy vs. the number of atoms 
deposited. If the assumptions are correct, these plots 
(when corrected for p.m.c. entropy) should be similar 
to those of Fig. 2. In computing the excess deposi- 
tion energies, formal potentials derived from a 
polarographic study (8) of silver deposition onto 
different electrode materials were used. For pal- 
ladium and platinum electrodes, formal potentials 
of +0.50 (vs. 8. C. E.) were chosen and for gold a 
formal potential of +0.53 (vs. 8. C. FE.) was chosen. 
The molar concentration of the silver ion in solution 
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was used in place of its thermodynamic activity. 
The experimental data were taken from a previous 
paper (15) and the same symbols used to designate 
these curves as were used to designate the respective 
curves from which they were derived. 

These curves, which are plotted in Fig. 3, 4, and 
5, show qualitative agreement with Fig. 2 and sug- 
gest distribution functions intermediate between a 
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Fig. 4. Excess deposition energy vs. the number of atoms 
deposited on palladium electrodes. 


Gold Electrode 


volts) 


epos tion Energy (ir 


re) 


Excess 


10. 15 20 25 
Number of Silver Atoms Deposited 
(Expressed as molar concentration in 75 mi) 


| 
30 


Fic. 5. lexeess deposition energy vs. the number of atoms 
deposited on gold electrodes. (The number of silver atoms 
deposited is expressed as molar concentration in 160 ml 
rather than 75 ml for the curve designated by the symbol 


©.) 


and b. It is clear from Fig. 3, 4, and 5 that the re- 
producibility from deposition curve to deposition 
curve (each full line is derived from a complete 
deposition curve) is not as good as the point-to- 
point reproducibility. 

In view of the demonstrated sensitivity of these 
curves to electrode pretreatment, it would not be 
surprising if, following a deposition and stripping, 
the physical state of the electrode surface, and there- 


fore the distribution curve, were changed somewhat. 
From Fig. 5 the distribution function of the gold 
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surface appears to have several maxima. This could 
be due to deposition onto different crystal faces or 
to the physical pretreatment (hammer-forging) of 
the electrodes. However, the lower curve of Fig. 5 
which represents deposition onto a different gold 
electrode (which had not been hammer-forged) also 
indicates more than one maximum in the distribu- 
tion curve. 

From these figures it is possible to estimate the 
area of the deposit and to compare it with the planar 
area of the electrode. The number of atoms required 
to deposit a complete monolayer would be given by 
the inflection point found at m jin” curve a of Fig. 
2 if the actual distribution were the same as curve a 
of Fig. 1. If the actual distribution were more like 
curve b of Fig. 1, a lower limit for the number of 
atoms required to deposit a complete monolayer 
would be given by the point corresponding to the 


TABLE I. A comparison of the planar areas of several gold, 
platinum, and palladium electrodes with the area 
calculated from the data obtained from 


deposition curves for silver 


ee Planar area M (from the Calc ulated 

of electrode curves) 

of deposit 

Gold 1 50 em? 8.0-10°7 54 em? 

Gold 2 85 em? 2.6-10° 83 em? 
Palladium 1 29 em? 1.2-1077 8.1 em? 
Palladium 2 29 em? 190-1078 6.1 em? 

Platinum | 39 em? 1.1-10°6 75 em? 

Platinum 2 39 cm? 2.2-10-6 150 em? 


. . . - ° . 
* The atomic radius of silver was assumed to be 1.5 A in 
these calculations. 


tangent of curve b to the horizontal broken line in 
Fig. 2. The experimental curves in Fig. 3, 4, and 5 
do not give well-defined inflection points, or tan- 
gents. Nevertheless, it is possible to obtain an ap- 
proximation to the area of the monolayer deposit by 
inspection of the curves in these figures. The second 
column of numbers in Table I gives the point that 
was selected from the curves in Fig. 3, 4, and 5 for 
‘raleulation of the area of a monolayer of deposit. 

The areas tabulated in the last column of Table I 
should be lower limits for the areas of the elee- 
trodes. The planar areas tabulated in the first col- 
umn are apparent areas only, and do not include 
the microstructure. Even with this crude compatri- 
son, however, it is clear that a significant fraction 
of the electrode surface was influencing the deposi- 
tion behavior. 


Effect of Foreign Substances in Solution 


Since in all deposition experiments the electrode 
is in contact with a solution containing an inert 
electrolyte and a wide variety of dissolved substances 
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in addition to the element to be deposited, allowance 
must be made for physical adsorption onto, or chem- 
ical reaction with, these foreign substances and the 
electrode surface. It might be expected, for instance, 
that some of the most active sites of the surface 
would be blocked by certain ions, or molecules, and 
so would not be available for deposition. Situations 
which appear to be of this type are those in which 
the undervoltage of the silver deposition curve onto 
platinum is affected by the pH and by the anions 
present. For example, it has been found (22) that 
deposition takes place at more noble potentials as 
the pH is decreased from 4 to 0 and that the under- 
voltage (8) in a cyanide solution is less than in am- 
monia, Which in turn is much less than in perchlorate 
or nitrate. This behavior may be explained if it is 
assumed that each of the anions mentioned has a 
different propensity to adsorb onto the surface and 
that the adsorption (though probably physical—or 
van der Waals—in nature) takes place first on those 
sites which are most receptive to deposition. Refer- 
ring to the cases cited, perchlorate and nitrate prob- 
ably have about the same tendency (probably small) 
te be adsorbed. On the other hand, cyanide probably 
has pronounced tendency to adsorb, thereby occupy- 
ing most of the sites with latent adsorption energy 
greater than the sublimation energy. Such conclu- 
sions are not unreasonable if one uses the relative 
stabilities of the respective complex ions as a quali- 
tative indication of the tendencies of these anions to 
combine with platinum. 

Another factor that must be considered, particu- 
larly for solutions containing cyanide or ammonia, 
is the dissolution and deposition of the electrode 
atoms. This may lead to surfaces which are much 
more uniform than those which have had only a 
mechanical preparation. 

The effect of pH could very well be due to the 
increased ease of oxide, or oxygen, reduction as the 
pH is decreased. This would tend to clear those parts 
of the surface which had an oxide coating, or which 
had adsorbed oxygen, thereby making available more 
of the surface for deposition of the metals from solu- 
tion. Because, in all probability, the sorption of oxy- 
gen to the formation of oxide would take place on 
the most active sites, a decrease in pH should not 
only make more of the surface available for deposi- 
tion but that new surface should offer stronger bonds 
to the depositing atoms than any which had previ- 
ously been available. 


Overvoltage and Hysteresis 


Both overvoltage and hysteresis have been re- 
ported and must be taken as evidence of slow or 
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irreversible phenomena. Because most of the perti- 
nent data have come from kinetic rather than equi- 
librium measurements, it is possible that the reported 


_ hysteresis effects may be due to the allowance of 


insufficient time for the slow reactions to reach equi- 
librium as well as “frictional” type forces. At any 
rate, more information is needed before an analysis 
can be made of these effects. 


ACKNOWLEDGMENTS 


The authors wish to thank G. C. B. Cave for 
many helpful discussions. For support of this study 
the authors wish to thank Merck & Company for a 
Fellowship in Analytical Chemistry (for J. T. B.), 
and the Atomic Energy Commission (for L. B. R.). 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1952 issue of_the 
JOURNAL. 


REFERENCES 
1. M. Hatssinsky, J. chim. phys., 30, 27 (1933). 
2. M. Hatssinsky, J. chim. phys., 43, 21 (1946). 
3. A. Cocne anv M. Harsstnsxy, Compt. rend., 222, 1284 
(1946). 
4. A. Cocue, H. Faraaar, P. Avignon, anp M. Hatssin- 
sky, J. phys. radium, 10, 312 (1949). 
5. M. Hatsstnsky anp A. Cocue, J. Chem. Soc. Suppl., 2, 
397 (1949). 
6. J. DANON AnD M. Hatssinsky, J. chim. phys., 47, 951 
(1950). 
7. A. Cocne, Compt. rend., 225, 936 (1947). 
8. L. B. Rogers, D. P. Krause, J. C. Griess, Jr., ano 
D. B. Enrurncer, J. (and Trans.) Electrochem. Soc., 
95, 33 (1949). 
9. C. HAENNY AnD P. Mivarez, Helv. Chim. Acta, 31, 633 
(1948). 
10. I. Lanemutr K. H. Kinapon, Proc. Roy. Soc. 
(London), A107, 61 (1925). 
11. M. Hatsstnsky, A paper presented at the Ninety-ninth 
Meeting of The Electrochemical Society in Washing- 
ton, D. C., April 9, 1951. 
12. K. F. Herzrevp, Physik. Z., 18, 29 (1913). 
13. F. Jonior, J. chim. phys., 27, 119 (1930). 
14. R. AupuBert, J. chim. phys., 21, 351 (1924); J. phys. 
radium, 3, 81 (1942). 
15. J. T. Byrne, L. B. RoGers, anp J. C. Griess, Jr., J. 
Electrochem. Soc., 98, 452 (1951). 
16. E. A. GuaGenner, ‘‘Modern Thermodynamics,”’ Chap. 
12, Methuen and Co., London (1933). 
17. D. H. Everert, Trans. Faraday Soc., 46, 453, 942, 957 
(1950). 
18. T. L. Hii, J. Chem. Phys., 17, 762 (1949). 
19. G. S. Rusnprooke, “Introduction to Statistical Me- 
chanies,’’? Chap. XIII, Clarendon Press, Oxford (1949). 
20. L. B. Rogers anp A. F. Stenney, J. (and Trans.) Elee- 
trochem. Soc., 95, 25 (1949). 
21. H.G. Hear, Report MC-33, to National Research Coun- 
cil of Canada (Dee. 1943). 
22. J. C. Griess, Jr., J. T. ByrNE, L. B. Rogers, J. 
Electrochem. Soc., 98, 447 (1951). 


- 
| 
= 
| 
ited | 
| 
sit* | 
ne 
m? 
em? 
em? 
m? 
m? 
in 
Ra 


Sustaining Members of The Electrochemical Society 


Ajax Electro Metallurgical Corporation, Phila- 
delphia, Pa. 

Alloy Steel Products Company, Inc., Linden, N. J. 

Aluminum Company of America, New Kensing- 
ton, Pa. 

American Platinum Works, Newark, N. J. 

American Zinc, Lead and Smelting Company, St. 
Louis, Mo. 

Atlas Powder Company, Wilmington, Del. 

Bell Telephone Laboratories, New York, N. Y. 

Bethlehem Steel Company, Bethlehem, Pa. 

Buffalo Electro-Chemical Company, Buffalo, N.Y. 

Burgess Battery Company, Freeport, III. 

Canadian Industries Limited, Montreal, Canada 

Chrysler Corporation, Detroit, Mich. 

Columbia-Southern Chemical Corporation, Pitts- 
burgh, Pa. 

Consolidated Mining and Smelting Company of 
Canada, Ltd., Trail, B. C. 

Crane Company, Chicago, III. 

Diamond Alkali Company, Pittsburgh, Pa.., 

Dow Chemical Company, Midland, Mich. 

E. I. du Pont de Nemours & Company, Inc., 
Wilmington, Del. 

Electric Auto-Lite Company, Toledo, Ohio 

Electric Storage Battery Company, Philadelphia, 
Pa. 

The Eppley Laboratory, Newport, R. I. 

General Chemical Division, Allied Chemical & 
Dye Corporation, Mareus Hook, Pa. 

General Electric Company, Schenectady, N. Y. 

Gould-National Batteries Incorporated, Depew, 
N.Y. 

Graham, Crowley « Associates, Inc., Chicago, 
Ill. 

Great Lakes Carbon Corporation, Niagara Falls, 
N. Y. 

Hanson-Van Winkle-Munning Company, Mata- 
wan, N. J. 

Harshaw Chemical Company, Cleveland, Ohio 

Hooker Electrochemical Company, Niagara Falls, 
N. Y. 

Houdaille-Hershey Corporation, Detroit, Mich. 

International Nickel Company, New York, N. Y. 


International Graphite & Electrode Corporation, 
St. Marys, Pa. 

International Minerals & Chemical Corporation, 
Chicago, 

Mathieson Chemical Corporation, Niagara Falls, 
N. Y. 

Metal & Thermit Corporation, New York, N. Y. 

Monsanto Chemical Company, St. Louis, Mo. 

National Carbon Division, Union Carbide and 
Carbon Corporation, New York, N. Y. 

National Cash Register Company, Dayton, Ohio 

Niagara Alkali Company, Niagar’. Falls, N. Y. 

Norton Company, Worcester, Mass. 

Pennsylvania Salt 
Philadelphia, Pa. 


Potash Company of America, Carlsbad, New 


Manufacturing Company, 


Mexico 


; Solvay Process Division, Allied Chemical & Dye 


Corporation, Syracuse, N. Y. 

Stackpole Carbon Company, St. Marys, Pa. 

Standard Steel Spring Company, Coraopolis, Pa. 

Stauficr Chemical Company, San Francisco, Calif. 

Sylvania Electric Products, Inc., Bayside, N. Y. 

Tennessee Products & Chemical Corporation, 
Nashville, Tenn. 

Udylite Corporation, Detroit, Mich. 

Union Carbide Company, Electrometallurgical 
Division, New York, N. Y. 

United Chromium, Inc., New York, N. Y. 

Vanadium Corporation of America, New York, 

Victor Chemical Works, Mt. Pleasant, Tenn. 

Western Electric Company, Inc., Chicago, Ill. 

Western Electrochemical Company, Los Angeles, 
Calif. 

Westinghouse Electric Corporation, E. Pittsburgh, 
Pa. 

Westvaco Chemical Division, Food Machinery 
and Chemical Corporation, New York, N. Y. 

Willard Storage Battery Company, Cleveland, 
Ohio 

Wyandotte Chemicals Corporation, Wyandotte, 
Mich. 


| 
| 
q 
| 
a 
7 
| 
a 
<a 
ag 
4 
at 
164 
‘ 


